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EDITORIAL NOTE 


The author of this book, Vladimir Nikolayevich Alexeyev, was born 
in 1888 and died in 1958. 

He started his practical and teaching work in the field of analytical 
chemistry in 1915. During the many years of his teaching activity he wrote 
a number of textbooks on analytical chemistry for universities and technical 
colleges. Besides his Quantitative Analysis, the books Qalitative Analysis, 
Course of Qualitative Chemical Semimicroanalysis and Course of Analytical 
Chemistry are well known. 

In each of these books Alexeyev strove to give new facts discovered 
by science and to give new analytical methods, experimentally verified 
(in most cases by himself). 

Alexeyev’s books have won deserved recognition among students and 
teachers of Analytical Chemistry. He was always distinguished by his 
ability to present in simple language, logically and lucidly the fundamentals 
of theory and practice of analytical chemistry. Alexeyev’s books have 
been and are being used by thousands of students, and' many analytical 
chemists use them in their practical work. 

The present book is sequel to the author’s Qualitative Analysis and Course 
of Qualitative Chemical Semimicroanalysis. Therefore it does not deal 
with many theoretical questions, which are fully discussed in these books, 
at equal length in a course of quantitative analysis. In all such instances 
merely a brief mention is made of the relevant principles and results, 
with a reference to the appropriate sections in the textbooks of qualitative 

analysis. . . 

Exceptions are made in discussion of the theoretical principles of activity, 

the salt effect (§ 20) and oxidation potentials (§ 78). These subjects arc 
the most difficult for students and, moreover, they are often considered 
only in courses of quantitative analysis. 

The author’s aim was to correlate theory with the practice of analysis 
and, as in the textbooks of qualitative analysis, to make the theory easily 
understood by students. 

The question of physico-chemical methods of analysis and their place 
in a course of quantitative analysis is a very serious problem. Only two 
such methods are considered in detail in the book: colorimetry (visual) 
and electrogravimetric analysis. Conductometry, potentiometry, polaro- 
graphy, and photocolorimetry are considered only in outline, without 
descriptions of the methods or examples of determinations. 




CHAPTER I 
INTRODUCTION 


§ 1. The Subject of Quautitative Analysis 

Analytical chemistry is divided into two parts, qualitative analysis and 
quantitative analysis. Qualitative analysis shows what elements (or ions) 
a given substance contains. The aim of quantitative analysis is determina- 
tion of the quantitative contents of individual elements or compounds 
present in a substance. 

Analytical results are usually expressed in percentages. For example, 
in analysis of calcium carbonate it is found what percentages of calcium, 
carbon and oxygen it contains. In view of the fact that CaC 03 may be 
regarded as a compound of calcium oxide CaO with carbonic anhydride 
CO^, the composition of this salt is also often expressed in percentages of 
the oxides CaO and CO.^. 

Somelimes the determination of the total contents of individual elements (or their 
oxides) in a sample is insufficient and it is also necessary to know in the form of what 
compounds these elements are present and what the relative proportions of these com- 
pounds are. For example, carbon may be present in ferrous alloys both in the free slate, 
as graphite, and in the combined state, in the form of carbides. The properties ot an alloy 
greatly depend on the form in which carbon is present. Therefore, in addition to the total 
carbon content the amounts of free and bound carbon in an alloy are also sometimes 
determined. In the same way, in analysis of clays or bauxites in addition to the total 
contents of SiO,. AI-O3. FC.O3. chemically bound water, etc., it is also necessary to find 
how much SiO.'is present as'quartz and how much in the form of various silicates. Deter- 
mination of individual compounds present in a given substance is known as phase anal- 
ysis. In phase analysis the compound to be determined is first separated (for example, 
by making use of different behaviour towards solvents or differences of various physical 
properties) from other compounds of the same element present in the substance, and 
the compound is then analysed. 

Analytical chemistry, including quantitative analysis, is of enormous 
importance in science and industry. For example, the chemical formula 
of an unknown substance is found from the percentage contents of its con- 
stituents, found by analysis. Chemical analysis is a most important method 
of investigation and is widely used in all branches of science which are 
related to chemistry. For example, it is of great importance in mineralogy, 
geology, physiology, microbiology, and medical, agricultural and technical 
sciences. Chemical analysis is no less important in industry. The lechnolo- 
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gist must know at every stage of the production process both the qualitative 
and the quantitative composition of the materials undergoing conversion. 
For example, a furnace charge in the production of cast iron or glass can 
be made correctly only if the composition of the charge materials is known; 
for most efficient leather tanning the contents of tanning materials in the 
extracts must be known, etc. 

At the present time no material is taken into production or released 
without analytical data which characterise its quality and suitability for 
various purposes. These results not only form the basis of all the processing 
calculations but they also determine the costs of the materials, which form 
the basis of financial estimates. 

Analysis of intermediate products (for example, smelting control in metal- 
lurgy, etc.) is of enormous importance. The technologist uses the results 
of such analysis for the most efficient utilisation of the raw material, for 
prevention of troubles in the course of the process and therefore for preven- 
tion of spoilage. 

The great importance of proper chemical control of production is obvious. 
Therefore, in nearly every factory one of the most important sections 
is the analytical laboratory for chemical control of production. 

When quantitative analysis is undertaken, the qualitative composition 
of the given substance must be accurately known; qualitative analysis must 
be used even if the presence of a particular element in the substance is defi- 
nitely known, because the correct method for quantitative determination of 
the element in question can be chosen only if the qualitative composition 
of the substance is known. 

In practice, however, the analyst’s problem is usually simplified consid- 
erably, because the qualitative composition of most of the investigated 
substances (ores, alloys, fertilisers, etc.) is well known. Approximate 
contents of individual elements are also quite often known. 

Obviously, in such cases not only is preliminary qualitative analysis 
unnecessary, but the choice of the most suitable method of quantitative 
analysis becomes very much easier. 


§ 2. Methods of Quantitative Analysis 

Ihe same ionic reactions as are used in qualitative analysis are generally 
utilised in quantitative analysis. For example, chlorine (or. more correctly, 
chloride ion) is determined quantitatively by precipitation by silver ions: 

Cl rAg ' = AgCl 

^’--’‘"‘rniincd by various methods on the basis 

wJ 1 ^; precipitated AgCl can be filtered off, 

vvaslKd thorouulily. carefully heated (or dried) and accurately weighed. 

cuhte its Tl" precipitate and its formula it is easy to^ cal- 
culate Us chlorine content. ^ 
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Thus in the analysis of 0*0536 g NaCl the precipitate weighed 01 290 g; 
since one gram-molecule (i.e., 143-3 g) AgCl contains one gram-atom (i.c.. 
35-46 g) Cl, we can write; 

143-3 g AgCl contains 35-46 g Cl 

0 1290 g AgCl contains .r g Cl 

0 1290 X 35-46_ j 

143-3 


Since all the chlorine was originally present in the weighed samples of 
common salt (NaCl) the percentage chlorine content of the latter is easily 

found : 

0 0536 g NaCl contains 0 03193 g Cl 


100 g NaCl contains y g Cl 



0 03193 X 100 


00536 


- = 59-6% 


This method is known as gravimetric analysis, because the weight of the 
reaction product is used for finding the amount of an element present. 

The amount of chlorine in common salt can also be found m another way, 
by means of tilralion, i.e., measurement of the volume of a reagent solu- 
tion CAfiNO,) of accurately known concentration, required to precipitate 
the Cl“ ions These two quantities — the volume and the concentration 

of the reagent solution-are quite sufficienMo calculate the chlorme con- 
tent of the substance. For example, if 18 00 ml of AgNOj solution I ml 
of which contains 0 0085 g of this salt was required to precipitate all he 
rhlnrine in a solution of a weighed sample in water, then obviously the 
amount of AgNOa taken for the whole reaction is 1 8-00 x 0-0085, i.e., 0- 1 530 
g. The equation for the reaction 

NaCl + AgNO, = I AgCl + NaNO, 


shows that to precipitate one gram-ion 35-46 g) of Cl one gram-mole- 
cule (i.e., 169-9 g) of AgNOj is required. Therefore we can write. 

prccipilation of 35-46 g Cl takes 169-9 g AgNO^ 

precipitation of x g Cl takes 0-1530 g AgNO, 


X 


0 1530x35 46 
169-9 


= 0 03193 g Cl* 


Then, as before, it only remains to calculate the percentage of chlorine 

'^The meThod based on accurate measurement of the volume of a reagent 
solution of accurately known concentration, taken for a reaction, is known 

as volumetric analysis. 


* Other and more convenient calculation nf\ethods will be considered later. They 
are discussed in § 56. 
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In volumetric determinations it is evidently necessary to establish exactly 
the end point of the reaction; this is not always possible. Moreover, the 
reaction itself must satisfy a number of conditions, and therefore the appli- 
cability of volumetric analysis is more restricted than that of the gravimetric 
method . An important advantage of the volumetric method is its greater speed, 
which is very important in practice, as for example in chemical con- 
trol of production. 

Reactions accompanied by colour changes are often used in qualitative 
analysis. For example, when the Fe"^ ions are detected by means of 
NH,CNS or KCNS, soluble iron thiocyanate Fe(CNS)3 of a deep red colour 
is formed: 


FeCla + 3NH4CNS = Fe(CNS)3 + aNH^Cl 


This reaction can also be used in quantitative analysis. By this method 
the unknown solution and a “standard solution”, i.e., a solution of a ferric 
salt of accurately known concentration, are treated with NH4CNS or KCNS 
under the same conditions. If both solutions give the same colour, then the 
content of Fe"^ must also be the same. If the colour of the unknown 
solution is deeper (or less deep) than that of the standard, then the concen- 
tration of Fe ^ ions in it must be higher (or lower) than that of the 
standard.* The analytical method based on comparison of colour intensi- 
ties is known as colorimetric analysis. 

Instead of reactions involving colour changes, reactions accompanied 
by formation of sparingly soluble substances are sometimes used. The 
amount of a given element in solution is estimated from the degree of turbid- 
ity of the solution produced by some reagent or other, compared with 
the turbidity of a corresponding standard solution. Methods based on this 
principle are known as nephelometric. 

Colorimetric (and nephelometric) determinations arc possible only if 
the colours (or turbidities) of the solutions are not too intense. Extremely 
dilute solutions are used for such determinations. In practice the colori- 
metric and nephelometric methods arc most commonly used when the con- 
tent ol the unknown clement in the material is very low and therefore the 
gr.uimclric and Nolunietric methods are unsuitable. Colorimetric methods 
are alsi> used widely because of their high speed. 

Several other methods are used in quantitative analysis. For example, 
we must mention pas analysis, which generally consists in determining the 
volumes ot indi\idual components in a gas mixture, for example, bv absorp- 
lion in \ aiious reagents. I he decrease of the gas volume is a measure of the 
absorbecl component. There arc also volumetric methods of gas analysis, 
in which the amount of an element is found by measurement of the volume 


• This is only tme for fairly dilute solutions. The eve cannot distinguish 
between intensely coloured concentrated solutions. 


differences 
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of gas formed in a reaction. For example, carbon m iron or steel is usual y 
determined from the value of CO., formed in combustion of a weighed sample 

in a current of oxygen at 1, 000-1, 250'C in a special electric furnace. 

Eleclrogravimetric analysis is widely used (especially for analysis of non- 
ferrous iMtals and alloys). In this method the element (in the free state) 
is isolated by electrolysis on a previously weighed electrode (cemin elements 
are liberated in electrolysis in the form of oxides, such as MnO, or PbO^). 
The increase in the weight of the electrode shows the amount of the element 

^^^TlfeV^are also methods electrovolumeiric analysis, which are based on 
the usuar prS of volumetric determinations (see above) but the end 
Doin^ of the reaction is established either by measuring the electrical conduc- 
tivity of the solution (conductometric method), or by measuring 
of an electrode immersed in the solution (potenttometrtc me hod) The 
decttochemical methods also include the so-called polarograpluc meihotL 
In this method the amount of an element (or ion) in a solution is estimated 
ftom th^ character of the volt-ampere curve (or “polarogram ) obtained 
in electrolysis of the solution carried out in a special apparatus known as 

t also be made of analytical methods based on the use of 
Mention must isotopes of the elements to be determined. 

^hffalthauiieW isotopes are radioactive, while their properties are idcnti- 
The fact that t nf the corresponding stable isotopes, makes it possible 

calwuhthepropertesonh^^^^^^^^ intensit.cs. It ,s then very 

to use ,^hich are very difficult and sometimes impossible 

easy o n,ethods. The following example illustrates 

his'Tn orLr to find phosphorus is distributed between meta and slag 

rtitina nf Steel calcium phosphate containing the radioactive phos- 
in the smelt g half-life of 14-3 days is introduced into the smelting 

phorus isotope with a hajf Ide o^ 

aeiivUv i demrmlned by means of a counter. This gives a rapid and 
radioactivity n-oblem of the distribution of phosphorus between steel 

easy which this distribution depends. The labelled 

a"om method is extremely sensitive which is another of its valuable charae- 

A^nother method used in analytical practice is the chromatographic method. 
TK' •« ha<;cd on selective adsorption of dissolved substances or ions by van- 
Lrsoll:js (adsorbents), such aluminium oxide, permutite, various syn- 


the volume of CO, formed, the gas mixture CO,-^ O, leaving the furnace 
i, paT“cTt“ oigh a concenlralcd KOH solulion which absorbs CO.; the reaction proceeds 

according lo ihc ccjualion: 

2K0H+C05 = K 2 CO 3 +H 2 O 


The decrease in the volume of the gas mixture shows the amount of CO 



16 


Chapter I. Introduction 


thetic resins, etc. Chromatography is particularly valuable for separation 
of various substances or ions. Experience shows that even slight differences 
in the composition or structure of substances are usually enough to cause 
considerable differences in their adsorption. Because of this the chromato- 
graphic method can be used for separating substances which are so similar 
in properties that they cannot be separated by other methods or are only 
separated with great difficulty. 

All the above methods of quantitative analysis can be divided into 
chemical and physico-chemical methods. The former group includes gravi- 
metric, volumetric and gas analyses and the second group includes colori- 
metric, nephelometric, electrochemical and chromatographic analysis. 

In addition there are physical methods of quantitative determination, 
such as quantitative spectroscopic analysis, luminescence analysis, etc. 

Both in quantitative and in qualitative analysis a distinction is made 
between macro-, micro-, and semimicromethods. 

In macroanalysis relatively large samples (about 0-1 g or more) of solids 
or large volumes (tens of millilitres or more) of solutions are taken. 

The essential instrument for this method is the analytical balance, which 
can be used for weighing to an accuracy of 0 0002 g (or 0-2 mg). 

In addition to the macromethod, micro- and semimicromethods of quan- 
titative analysis are coming into increased use. In these methods samples 
weighing between 1 mg and 50 mg and solution volumes between tenths 
of a millilitre and several millilitres are used. 

In such cases, to obtain the nece; sary accuracy it is necessary to use a 
more sensitive balance, such as ? microbalance (accurate to O'OOl mg) 
and more accurate apparatus foj 'easurement of solution or gas volumes. 
The main advantages of the micro- and semimicromethods are their high 
speed and the need for only ver>' small amounts of material. Despite these 
advantages the classical macromethod, which is the oldest and the most 
convenient method of quantitative analysis is the one most widely used at 
the present time. 

Only the methods of quantitative macroanalysis are considered in this 
book. 


§ 3. The Analytical Balance 

The balance is the principal instrument used in quantitative analysis. 
The analytical results obtained by any method must be referred to a definite 
quantity of the given substance; for example, as a percentage of its weight. 
Therefore, the first stage in analysis is usually to weigh out a definite portion 
(sample) of the substance for investigation. 

Weighing is also used in other operations of quantitative analysis; 
for example, to find the weight of a precipitate, to prepare solutions of accu- 
rately known concentration, etc. 
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One of the most important requirements in quantitative analysis is a 
sufficiently high degree of precision. The required degree of precision depends 
on the purpose of the analysis and may differ in different cases. In analyt- 
ical work of moderate precision the error usually does not exceed a few 
tenths of one per cent of the quantity measured. This degree of precision 



; - adjusting acr«w» ; 2 - arrest knob; i - pointer; 4 — senws for zero point adjustment; 

S — rider book; 6 — knob of rider carrier; 7 — balance pans; 8 — stirrups; 9 — scaJe; 

JO — graduated beam; II ^ rider carrier 

must be reached with relatively small samples, as work with large amounts 
of substance is inconvenient and very time-consuming. On the other hand, 
with small samples the required degree of precision can only be obtained 
if the accuracy of weighing is high enough. 

2 — 6001 
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The analytical balance used in quantitative macroanalysis can be used 
for weighing objects not heavier than 100-200 g to a precision of 0'0002 g, 
i.e., 0‘2 mg. 

The most usual design of a balance of this type is shown in Figs. 1 
and 2. 

The most important part, the beam, has three knife edges made of agate 
or very hard steel (/ and 2, Fig. 2, a). The central knife edge rests on a 
special very smooth agate plate on top of the balance column. The balance 
pans are suspended from the terminal knife edges by means of stirrups 
(Fig. 2, b). 




— beam: t — stirrup. / - terminal knife edge; 2 — central knife edge; S — pointer; 4 — screw for zero 

point adiustmcni; S * weight for sensitivity adjustment 


A pointer 3 (Fig. 1) is fixed to the centre of the beam; as the balance 
swings the lower end of the pointer moves along the scale P, at the bottom 
of the column. All three knife edges must be strictly parallel and in the same 
plane for correct operation of tlie balance; furthermore, the precision of 
weighing on an analytical balance depends to a considerable extent on the 
sharpness of the three knife edges and the smoothness of the plates on which 
they rest. 

The knife edges and plates gradually wear out and the balance becomes 
less precise. To reduce wear as much as possible the balance is provided 
with an arrest device whereby the balance beam can be raised and the bal- 
ance “arrested". When the balance is arrested the knife edges do not touch 
their plates. The arrest knob 2 (Fig. 1) is attached to the underside of a glass 
or marble slab on which the balance column and case are mounted. The 
balance must be arrested when not in use. 

Sharp jerks and movements cause particularly serious wear of the balance. 
Therefore, great care is necessary when using an analytical balance; in par- 
ticular, the balance must never be touched when it is free to swing. The balance 
must always be arrested before the weighed object or weights are put on 
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Fig. 3. Weighing 
bottle 


or taken off the pans. Sharp jerks must also be avoided during the actual 
arresting The arrest knob is turned carefully and smoothly, and this move- 
ment is made when the pointer approaches the centre of the scale 

The balance is enclosed in a glass case which protects it from dust, air 

'"mTase ofthSnc: r'e^r on 'i^ws 7 (Fig. 1). whereby the knife 
edges and agate plates on which they rest are brought into horizontal 
position by means of a plumb bob attached to the 
balance column (at the back). These knife edges and 
plates must be strictly horizontal for proper operation 

of the balance. , 

The balance pans 7 are made of some light metal 

which is nickel-plated or coated with gold or platinum 

to prevent oxidation. Obviously substances should never 

be put directly on the balance pans because this spoils 

the ^balance. Neither is it permissible 

on pieces of paper, as is usually done in weighing on less 

accurate technical balances. The reasons are, first 
paper is hygroscopic and, second, it is impossible to 

vess^where H is “w disIXed' (sol°of th°e substance 

^ -s (Fig. 3), or 

Its^ing ^ must . . 

Js^ temp^ature 

on a balance 'he el ^ 

responding arm of the beam 

and makes it rise. The moving air pushes 

the corresponding balance pan upwards, 

and therefore the error is increased further. 

Conversely, if a cold object is weighed a 

current of air flows downwards, and this 

gives rise to an error of the opposite sign. 

-T-u u- F ho left for at least 20 minutes near the balance to allow 

T Cb the same temperature. To make sure that during this time the 

It to reach the moisture from the air which would 

hicrease its weight the object is cooled in an apparatus known as a desu- 
increase Its weig . ,^^g/con,partment of the desiccator contains lumps 

Tf fresMy cakinid quicklime or (not as effective) calcined calcium chloride, 
of freshly cai H ^ desiccator becomes dry 

to absorb wa r compartment (on the porcelain plate 

^hown otthe ri^ht of the dfatram) dLs not absorb water vapour as it 

cools. 



Fig. 4. Watch glass 


2 * - 
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The ground-glass rim of the desiccator lid must be thoroughly greased 
with a thin layer of petroleum jelly melted together with beeswax or paraf- 


fin wax. To open the desiccator the lid 
zontal direction and not lifted upwards, 



Fig. 5. Desiccator and porcelain plate 


The weights are coated with gold or 
consequent changes of weight. The si 


must be moved sideways in a hon- 
In the same way to close the desic- 
cator the lid is gradually slid on 
sideways. When the desiccator 
is carried about the lid must be 
held by both thumbs, as other- 
wise it may fall and break. 

The weights used with analyti- 
cal balances are contained in a 
special box (Fig. 6) which also 
contains a pair of forceps for 
lifting the weights and putting 
them on and off the balance 
pans. The forceps should be 
ivory-tipped. The weights must 
never he touched by hand. 
platinum to prevent corrosion and 
lall weights (fractions of a gram) 



Fig. 6. Box and weights 


is not corroded in air, for example* 


are made of some metal which 
aluminium or platinum. 

The weights are arranged in the box in definite order. There are two usual 
systems corresponding to the numbers 5;2:2:1 or 5:2:1 :1 :1. In accordance 


§ s. The Analytical Balance 


21 
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» 1 1 1 M 1 1 1 M 1 ITT' 
i]2 4 S 

1 1 1 ! 1 1 1 M 1 

c 

Iji 

^ 0.0056 

±3 

■ u u 

o.oosz 

Rider and readings along the 
balance beam 


.ith thefirst system ‘^e '^ox would contain we^hts of 50. 20, 20, .0,^5._2. 2, 

1 g, and in follow the same systems and are made of 

2, 1, 1, 1 g- are easier to distinguish. For example, 

different shapes so that smal g 

fractional weights with the 2 (i e . 0 2 and 0 02 g) 

shape of regular I q.j qO! g) are triangles. 

EachTacoinal weight has an edge bent at right angle by which it is lifted 

with the forceps. ^ proper place 

in obeyed it is possible to check the weights 

first by the empty spaces m the 
box, and then as each weight is 

removed from the 
put back into the box. This checking 
is absolutely essential as any error 
made in counting the weights spoils 
the entire analysis which may take 
several days. 

By means of the weights an object 
can be weighed to an accuracy of 

0 01 g. Thousandth ‘“'f ° eighed by means of the so-called rider. 

sandth ff^tions of a gram ^ aluminium) weighing 

"‘‘o'nis I’ k a lached with the aid of the forceps by its loop on 

001 g or 0-005 8- infixed to the horizontal rod/7withthck^^^ 
rtl^: ofe' b^lan’ce\te.°fhi's rod is rotated or moved to place the rider 

at any desired 0°';;; “"^^umions of which differ 

The beam has a scale 70 Ih g d^^^ division is exactly over the 

In the most “sual type ^ j divisions arc over 

pivot (i.e„ over the edges). Each arm of the beam 

the pans (i.c., over the numbered in order. If the rider 

is thus divided mto ^cn equa p weight. 001 g on 

is placed on the tent i iv division, then, by the 

the "PPO*"" P“"- '^a^ces one-tenth of its own weight or 0001 g on the 
dP halance^d 002 g, on the fifth 0 005 g, etc. It follows that each 

riV‘o^V beam Sl.or. is divided into 

The ^Pf' between two corresponds to 0 0002 g 

fwe '0“=‘',P=‘J'*- „^ample the balance is in equilibrium when the rider is 
(0-2 mg). .If- Fi 7 , b. then the reading on the beam corresponds 
m the position ^aded to the weights on the scale pan. 
to 0-0056 g. This is ^ ® ^ scale is not in the centre of the 

be"t o^VX edge. The tenth division is over the right- 
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hand knife edge, and the fifth division is above the balance pivot. Here 
the distance between the divisions is twice as much as in balances with a 
central zero. It is therefore possible to divide each division into ten parts 
and not five, so that the precision of the beam readings is doubled. 

For convenience the beam in this type of balance is notched, so that 
each notch corresponds to a small scale division. The rider in a balance of 
this type weighs 0-005 g (5 mg) and not 0 01 g. The balance is so adjusted 
as to be in equilibrium in the unloaded state when the rider is on the zero 
division of the scale. 

Obviously, if the rider is moved from the zero division to the fifth (i.e., 
exactly over the central knife edge), this is equivalent to removal of 0-005 g 
from the left-hand pan or a similar increase of the load on the right- 
hand pan. In the same way, if the rider is moved to the tenth division this 
is equivalent to a further increase of 0 005 g on the right-hand pan, which 
makes a total of 0-01 g. Therefore in a balance of this type each large scale 
division (numbered) corresponds to 0-001 g (1 mg). The small divisions 
(of which there are twice as many as in balances with central zero) obviously 
correspond to 0-0001 g and not 0 0002 g. 

Therefore, if the balance is in equilibrium with the rider in the position 
shown in Fig. 7, c, then the beam reading is 0-0082 g. 


§ 4. Sensitivity, Stability, Accuracy and Precision 

of the Balance 

Tlie scale division at which the pointer comes to rest is known as the 
zero point when the pans are empty, and the rest point with a load on the 
balance.* In weighing these points must coincide; this shows that the loads 
tui the two pans are equal. 

The weighing procedure will be described fully later. Here we consider 
the question of the sensitivity of the balance. 

If the balance is at rest and a small additional weight is put on one of the 
ptns, then the rest point shifts along tlie scale. The greater this shift, the 
more sensiuve is the balance. Therefore, the number of divisions by which 
ilte rest pi>ini is shilted under an additional load of 1 me can be used as an 
indication of the sensiti\ity. 

flic sensitivity ot a balance is more accurately represented by the ratio: 

tan a 


Here x is the angle through which the pointer is deflected as the rest point 
IS shifted Iroin one position to another by the additional load p (Fig, 8).** 

unlit the pointer stops. The position of the 
zem point or rest poim is found tri>m Uic swings as described in § 6. 

•ind «he 'ihsw nr^M ^ f'r vcr>’ nearly equal to the corresponding arc. 
. nd .he abo\<. praaital definition of sensitivity is fairly close to the theoretical ^ 
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The above ratio can be written; 


tan a 


qd 


( 1 ) 

It follows from formula (I) that the sensitivity increases with: 

increase of the length of the beam arm (/): decrease of the mass (q) of the 
beam (together with the pans and loads); decrease of the distance 
between the fulcrum and the centre of gravity of the moving parts of the 

^ For the balance to be stable, so that when the beam has left the rest point 
it returns to it, and does not remain in any position in which it is left (neu- 
tral equilibrium), or does not turn 
over (unstable equilibrium), the 
centre of gravity must be below the 
fulcrum. The greater the distance (d) 
between the centre of gravity and 
the fulcrum, the more stable the 

balance. , . , 

It might seem that, by formula 

(1), to increase the sensitivity the 
length of the arm (/) must be as 
large as possible. In practice, how- 
ever, lengthening of the arms is 
disadvantageous, because the weight 
(q) increases in greater proportion 
since a longer beam must be consider- 

"'^&o^e"tfpmcSce^'hVsen^^^ of the balance is regulated by vari- 
atilnTf thTdistLce between the centre of gravity of the moving parts of 
ule Llance and the fulcrum. This is done by means of the weight 5 (Fig 2) 
In. Wnn^nter which can be raised or lowered by means of a screw thread. 
Wherwe raise the weight we raise the centre of gravity and bring it nea^rer 
r ^ fhis increases the sensitivity of the balance. We must remember, 
how^ewr That the stability of the balance is thereby reduced, and the rest 
p^nt is easily displaced by external forces, so that the accuracy can even 

"“MoTeo'vT tT time of fwTnTincreases with decrease of the distance d, 

TTonoTs\hTtTheTen\Tv1t;TTbettd only up to a certain limit by 
variation of the centre of gravity of the beam. This operation may be carried 
out onlv bv the instructor and never by the student himself. 

It must be remembered that the sensitivity of the balance is represented 
bv formula (1) only under the condition that all three knife edges are in 
iL slTLtlzondpl^ne. In reality this condition is hardly ever satisfied, 
because even if it was observed exactly when the balance was assembled. 



Fig. 8. Determination of the sensitivity of 

the balance 
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the beam gradually sags slightly under the influence of the weighed loads. 
The magnitude of this sag is represented by the angle ^ between the horizon- 
tal plane passing through the central knife edge and the lines joining the cen- 
tral and terminal knife edges. If the beam is bent the relationship between 
sensitivity and the other quantities is represented by the more complex 
formula: 

/ cos p 

tan ® ^ ^2P — p)l sin ^ 


Here P is the load on the balance pans; p is the excess load on one of the 
pans. 

It follows from Equation (2) that the sensitivity of the balance also depends 
on the load P and on the angle decreasing as they increase. It is clear from 
this that the balance must not be overloaded above the permissible limit, 
as this would cause considerable bending of the beam and would spoil 
the balance. 


In addition to sensitivity, attention should also be paid to the accuracy 
and precision of the balance. The accuracy of a balance is characterised by 
the diftcrence between the true weight of an object and the weight as given 
by the balance. The following conditions must be satisfied for accurate 
weighing: (a) the arms(i.e,, the distances between the central knife edge and 
the two terminal knife edges) must be equal; (b) all three knife edges must 
be parallel; (c) the two arms with their pans must be equal in weight 
The precision of a balance is indicated by the differences between the 
results o( repeated weighings of the same object. The less these results differ, 
the more precise is the balance. For example, when we say that the preci- 
sion o\ an ordinary analytical balance is 0 0002 g this means that with 
proper use the results of repeated weighings would not differ from each 
other by more than 0 0002 g. 

A balance may be precise, i.e.. it may give very similar results in repeated 
WLighmgs, and yet these results may be incorrect if. for example, the balance 
.inns aic of unec|ual Icngih. In § 8 it is explained how correct results may be 
obtained Iw weighing with such a balance. 

1 he state of the knife edges and of the plates on which they rest has a 
y great intluencc on the precision. For example, if a knife edge becomes 
blunt It makes contact with the plate not along a line but by a flat plane 
n ennsequenee, as the balance swings the beam rests sometimes on one 

res rj”'; r' plane, so that the position of the 

e l point changes and the precision diminishes. Accurate readings of the 

ni‘ 1 V’ rV 'niportancc too. Therefore, inihe most 

Imcrmcoi^ observed by means of a lens or a 
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§ 5. Rules for Handling the Analytical Balance 

In weighing it must be remembered that the analytical balance is a precise 
physical instrument which must be handled with very great care. 

To avoid damage to the balance and to ensure accurate weighing the fol- 
lowing rules must be strictly observed: 

1. Check the state of the balance before each weighing (or series of con- 
secutive weighings). Remove dust from the pans with a soft brush and 
find the zero point of the balance (see § 6). 

2 Whatever faults you may find in checking the balance, and whatever 
may happen to the balance during use. never attempt to mend the balance 
yourself, but always ask the instructor. 

3. The unarrested balance must not be touched. The balance must be 
arrested before the object and weights are put on the pans or taken off them. 
The balance must be arrested before the rider is moved along the beam. 
The arrest knob must be turned slowly and carefully. 

4. Do not move the balance from its place. 

5 Never overload the balance above the permitted load (usually 100 g) 
as this causes damage. In case of doubt, the object must first be weighed 
on a rough balance and only when it is certain that it is not too heavy may 

the analytical balance be used. 

6, Do not place wet or dirty objects on the balance. Do not spill anything 
inside the balance case. 

7 Do not put the object to be weighed directly on the balance pan. 
Do not use pieces of paper; put the substance on a watch glass, or m a 
weighing bottle, crucible, test tube, etc. 

8 Hygroscopic substances and liquids (especially if they give off corrosive 
vapours) must be weighed in hermetically closed vessels (weighing bottles). 

9 Do not weigh hot (or very cold) objects. The object to be weighed 
must reach the temperature of the balance; it must therefore be left for at 
least 20 minutes in a desiccator near the balance. 

10 Always use only the side doors of the balance case when weighing. 
The front door, which protects the balance and the weighed object from 
heat given off by the operator and from water vapour and carbon dioxide 
breathed out, must be shut all the time. 

11 Do not touch the balance, weights or rider with the fingers. The 
weights must be handled by special forceps with ivory tips. The same 
forceps are used for hanging the rider on the hook or taking it off. 

12. Do not muddle the weights. Each weight must be put in its proper 
place in the box. 

13. To reduce the effect of weighing errors on the analytical results all 
weighings must be done on the same balance and with the same set of weights. 
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14. Do not lean on the bench on which the balance stands, to avoid 
displacing the balance and disturbing its horizontal position. 

15. Remain in the balance room only while weighing. Do not talk to 
your neighbours, as this may lead to errors. 

§ 6. Weighing 

Determination of the Zero Point. As already stated, the zero point is the 
point on the scale at which the pointer of the unloaded balance comes to 
rest. Before weighing is started the zero point is first determined, because 
it often changes through a number of accidental causes. 

In practice, of course, it is not necessary to wait until the pointer stops, 
as this would greatly delay weighing, but the zero point is found from the 
positions of the pointer during its swings in each direction. Obviously, 
the deviations on each side of the zero point are equal and so the position 
of the zero point on the scale can be easily found. 

The zero point is found as follows. With the balance case closed, the arrest 
knob is carefully turned fully to the left and the pointer swings are observed. 
The swings on each side of the central division must not be more than 
ten divisions, or preferably not more than four. If the pointer does not 
reach the desired amplitude at once, the balance is carefully arrested and 
then released again. 

When the desired amplitude has been reached, the first two swings of the 
pointer are disregarded. Starting with the third swing, the extreme positions 
of the pointer on the scale are read off to the nearest tenth of a division 
(estimated by eye). 

In these readings either the central division or one of the end divisions of 
the scale is taken as zero. In the former case both extreme divisions of the 
scale arc denoted by the same number 10. Therefore, to show the direction 
of the pointer, swings to the right of the zero are taken as positive and to the 
left as negative. 

If one of the end divisions is taken as the scale zero, the other end divi- 
sion is indicated by the number 20 and the central division by 10. Negative 
numbers are then unnecessary. 

It is particularly convenient to take tlie extreme right-hand division as 
zero, because with increasing mass of the weights put on the right-hand 
pan the rest point sliifis in the direction of increasing scale divisions. 

The pointer swings gradually die down because of air resistance and fric- 
tion. To allow for the damping an odd number of readings, usually three 
(or ri\e). is taken when the zero point is determined. 

Suppose, for example, that the scale zero is on the right and that the fol- 
lowing readings were obtained with the empty balance; 

»*cft Rigljl 

/, 164 4.7 

- 16-2 
Average 16*3 
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Consequently, the zero point is: 

16-3+4.7 


/o = 


= 10 s 


It is easy to show that this value (10-5) is the true zero point by calculat- 
ing the deflections of the pointer on each side of it. 

Right 10-5 — 4-7 = 5-8 divisions 

Uft 16-3— 10-5 = 5-8 

The zero point can also be calculated from the formula: 

/. 4 - 2/. + L 16-4 + 2x4-7 + 16-2 _ 42__ ^ 

h = 4 4 4 

The following example shows how the zero point is found when the centre of the scale 
is taken as zero and five readings are taken. 


Uft 

Right 

—5-0 

+6-2 

—4-6 

+ 5-9 

—4-4 


Average — 4-7 

Average +6-1 


- 4-7+6. 1 

This result shows that the zero point is 0-7 of a divis.on to the right of the middle 
of the scale. 

Such a small discrepancy between the zero point and the middle of the 
scal^is of ^fsignificLce!^ If it is too large (for example, more than two 
divisions) the balance must be adjusted by means of the screws (See 
Fig. 1.) Of course, the students should not do this themselves, the balance 

«Viniild alwavs be adjusted by the instructor. - , , 

Tt should be remembered that, if the zero on the beam scale of a t^alance 
is on the left and not in the centre, to find the zero point the rider (a005 g) 
must first be put at the zero division. A balance of this type should be at 

eauilibrium with the rider in this position. 

\ should be noted that in ordinary analytical work determination of the 
zero point (and also the rest point) can be much simplified by \\iz method 
o^shlTs^^lgs. The principle of this method is that if the pointer does not 
swing by more than 4 divisions on each side of the central division, then 
the d^eerLse of amplitude is so small that it may be neglected. Therefore, 
the zero point can be found with sufficient accuracy from two swings (one 

to the left and the other to the right). .... r i 

Weighing. When the zero point has been found, the weighing is performed. 

The balance is arrested and the side doors are carefully opened. The object 
to be weighed (crucible, weighing bottle, watch glass, etc.), which has 
reached the temperature of the balance, is put in the middle of the left-hand 
pan and the left door is closed. Weights are placed on the right-hand pan 
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by means of the forceps. For quicker weighing the weights must be put on 
the pan in the same order as they are in the box, and not at random. 

Let us consider the following example of a weighing operation. Suppose 
that a weighing bottle has to be weighed. First, take a weight which is ob- 
viously too heavy, for example 20 g. Put this on the scale pan and turn 
the arrest knob slightly to see in which direction the needle swings. In this 
case it swings to the left. Therefore this weight is too heavy. Arrest the 
balance, take off this weight and pul on the next one in sequence (10 g). 
Suppose that this is too light. Arrest the balance and put on the 5 g weight. 
This is too heavy. Take this off and put on 2g (too light) and again 2 g. 
(still too light). Since 5 g was too heavy there is no point in adding Ig. 
Instead, use exactly the same procedure with the fractional weights. 

When the pan with the weights begins to swing over on addition of 
one-hundredth of a gram (for example, if 14-78 g is too light and 14-79 g 
is loo heavy) thousandth and ten-thousandth fractions of a gram are 
found by means of the rider. This is done with the doors of the balance case 
shut. There are several methods for finding these fractions. 

The Coincidence Method. Put the rider on the hook 5 of the horizontal 
rod (sec Fig. 1) and shut the doors of the case. Make sure that the balance 
is arrested and by means of the horizontal rod II put the rider on the middle 
(fifth) division of the right-hand arm. Raise the hook by a turn of the 
knob 6. release the arrest and note the swings. Find in which direction the 
swing is greater, and move the rider by means of the same rod to the right 
or left, making sure that the balance is arrested each time. Finally, find the 
position of the rider at which the rest point, found in the same way as the 
zero point (p. 26), coincides with sufficient precision with the latter.* 

When this has been done, check the weights against the empty spaces 
in the box and write tlicm down. Confirm this by removing the weights 
from the pan and putting them back in the box. Then read off the position 
of the ritler on the beam. Tltis gives the third atul fotirlli decimal points. 
For example, if the weights on the pan added up to 14-78 g. and the scale 
reading is 44. the weight of the object is 14-7844 g. 


* The prcfoion tt) which the luo sliould ci'inciJc c.»n he easily found if the sensitivity 
v>l itie balance is known. It the rc>t pi>int and the zero point do not coincide, the resultant 
crri'r can be neglected if it does not exceed the precision limits of the balance, i.c.. 
0-2 ing. If tile sensitivity of the balance is. say. 3 {t divisions, mg then the ma.ximum 
permis'ihlc discrepancy is found bs proportion: 


1 mg corre- ponds to .VO divisions 
0-2 nig corresponds to .t divisions 
X = 3>;0-2 0-6 division 


1 hcrefore the difference betxsecn the rest and zero points may be disregarded if it 

d.K-s not exceed of ihe scnsitnily at the given load. Determination of the sensitivity 
IS Ucscnbcu ^ 
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Me.hodof^^inss.T^^r.o^^ 

(1 mg), such that one is too hght and the oiner^is^^^^ 

14-784 g was too light whereas 14 78 g thousandth and ten-thousandth 

sssHsssai=- 


Too light (14'784 g) 
Left Right 


Too heavy (14-785 g) 
Left Right 


13 7 
13 5 


3-8 


15-8 

15-6 


7-7 


Average 


/t 


13-6 

Rest point 

13-6 + 3-8 


Average 


8-7 


L = 


15-7 

Rest point 
15-7-I-7-7 


= 11-7 


■ - K->Kncc is 11-7 — 8-7 = 3 0 divisions. Evidently, each 

division ^e- irposToTS 

;l;: S correspond, .o V. ma .he repu.red 
additional weight is 

= 0-0006 g. Therefore, the weight of the 

“"^e'ni.uir'he 'value of a seale division 

by 5 and noting that 5 = TpTT; ’ 
lations can in general be represented by the 
following formulas; 

= 5(A.— /,) mg (J) 


It 





or 


jf — 


L-l. 


mg 


( 2 ) 


2 a 

W R 

£'2 

VJ 


10 20 30 kO 50 60 70 SO 90 lOOi, 
Load (weight on each pan) 

Fig. 9. Sensitivity curve 


■where x is the required additional weight (in 

mg^which must be added to find ihe weight 

(2, shows .ha. .he 
a balance is not constant but f h 8 ^ 

with increasing load Jhcrefo^^ 20; 30; 40; 50 g. 

Sr^ThlTrc^fts arc Xen used to plot a sensitivity curve (Fig. 9) which is used to 

She sensi.ivi.y onhc balan^^^a, 

The method hand, the coincidence method is more convenient for a 

‘r^^cS Sin° of .h^ s:n,J obiee. (for example, a erueible whieh ,s being hea.ed 

to constant weight). 

§ 7. The Damped Balance and Its Use 

Wpiphine is much quicker with the so-called damped balance such as 
th^AAB-loO balance made by the “Gosmetr'’ factory (Fig. 10). 

• The code mark AAO-200 represents the Russian term for an analytical damped 
balance of 200 g maximum load. 
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The main feature of the design of this balance is that it is equipped with 
an air damping device which causes the beam to cease swinging very quickly. 
This balance also has an automatic device for putting on small weights 
and a special mechanism for taking the pointer readings. 

The damping devices are hollow aluminium cylinders closed at the top 
and open below. They are suspended by hooks from the stirrups, one over 



Hff, 10, A^*lB-200 damped balance 


each balance pan (in olher types of damped balances they may be under- 
neath the balance pans). Each cylinder is within another aluminium cylin- 
der of slightly larger diameter open at the lop and closed below. The latter 
cylinders are fixed on the balance column. When the arrest is released the 
inner cylinders begin to swing together with the beam and pans, and more 
up or dosvn inside the outer cylinders. The resultant air friction slops the 
swinging almost at once. The pointer slops in a definite position corre- 
sponding to the zero point (or the rest point if the balance is loaded). 

On the right-hand stirrup and at right angles to the beam is a horizontal 
plate on which fractional weights totalling from 10 to 990 rag are suspended. 
These weights arc in the form of rings which hang above diis plate. They 
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are hung on the plate by means of a system of levers operated by a hand 
knob fitted on the outside, on the right-hand side of the balance case. 
This knob consists of two graduated discs which can be rotated m cither 
direction. Weights of 100, 200, 300 ... 900 mg may be put on the plate 
by rotation of the outer disc. This is obviously equivalent to putting weights 
of O'l 0'2 0‘3 ... 0*9 g respectively on the right-hand pan. In the same way 
10 20 30 .. 90 mg are hung on the plate by rotation of the inner disc, 
which ’is equivalent to hundredths of a gram on the right-hand pan. 

The total weight of all these weights is found by means of a fixed pomter 
(in the form of an arrow) near the disc. If, for example, the figure 8 on 
the outer disc and the figure 3 on the inner disc are opposite this arrow, 
this means that 830 mg or 0 83 g has been put on the plate or (which is the 


same) on the right-hand pan. .u j • 

Milligrams and tenths of milligrams are found from the deviation of the 

pointer This deviation is read off by means of an optical device with an 

illuminated screen which shows an enlarged .mage of a micro-scale fjixed 

on the pointer. This screen is illuminated by a lamp fixed m the back of 

the case, which is automatically switched on (through a transformer) 

when the arrest knob is turned. 

The sensitivity of the balance is so adjusted that when one of the pans 
is overloaded by 10 mg the pointer with the niicro-scale deviates by exactl^y 
ten divisions frU thereto point. In -other words, if the balance is so ad- 
justed that in absence of load the image of the zero division of the micro- 
scale coincides with a vertical line (used for taking the readings) on the screen, 

then if 10 mg is put on the right-hand pan, when the pomter stops this 
line exactly coincides with the tenth division of the scale.* Each numbered 
scale division therefore corresponds to 1 mg. Since the space between two 
adjacent positions is divided into ten equal parts each of which corresponds 
to 01 mg the scale reading on the illuminated screen gives milligrams and 
tenths of milligrams, i.e., the third and fourth decimal places. 

It is clear from this that weighing is much quicker and simpler with a 
damped balance. There is no need to record the pointer swings and calculate 
the zero and rest points; the rather lengthy operations with the rider for 
finding milligrams and tenths of milligrams are also unnecessary. They 
are replaced by a single scale reading on the illuminated screen. Moreover, 
automatic operation makes it quicker and simpler to determine the fust 
two decimal places. The accuracy of a damped balance is of the same order 

as that of an ordinary analytical balance. • n • 

The speedier weighing with a damped balance is especially important 
in factory laboratories for production control, where speed of analysis is 

often decisive. 


• The sensitivity of the balance may alter with time. It can then be readjusted by 
turning of a nut on a vertical rod fixed in the middle of the beam. Of course, the students 
themselves must never make this adjustment. 
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Weighing on a Damped Balance 

1. First plug in the lamp into the lighting circuit. 

2. Check the position of the zero point. To do this, carefully turn the 
arrest knob all the way without opening the balance case. This automatically 
lights the lamp and a magnified image of the micro-scale attached to the 
pointer appears on the screen. While the pointer is moving the image 
of the micro-scale also moves along the screen. However, the damping 
devices stop the pointer almost at once and the image also stops. With no 
load on the balance the zero on the scale must coincide exactly with the 
vertical line on the screen. If it does not, the head of the regulating screw 
which is outside the balance case above the arrest knob must be turned 
until the zero and the line coincide. 

3. Put the object on the left-hand pan and weights from the box on the 
right-hand pan, and thus find in the usual way the number of whole grams 
in the total weight, i.e., weight to the nearest 1 g. 

4. Close the balance case and proceed to find the tenths and hundredths 
of a gram. To do this turn the outer disc of the automatic device which 
places fractional weights on the pan, and bring different numbers on the 
disc against the fixed arrow, checking each time in which direction the point- 
er swings. As always, whenever any weights are put on or taken off, i.e., 
with every turn of the disc, the balance must be arrested. 

When the tenths of a gram have been found, proceed to find hundredths 
by means of the inner disc in exactly the same way. 

5. Having found the weight to the nearest 0-01 g as described above, turn 
the arrest knob to the end, and when the swinging has stopped read off the 
position of the vertical line along the scale on the screen. The large divisions 
on this scale, corresponding to whole milligrams, are marked with numbers 
with plus or minus signs. A plus sign means that the value of the reading 
must be added to the sum of the weights on the balance. Conversely, 
if the scale reading has a minus sign, it must be subtracted from the 
weights. 

For example, if the weights on the balance total 1 1-83 g and the screen 
reading is 2*7 mg {0 0027 g) then if this reading is positive the weight of the 
object is 11-83 • 0 0027 - 11-8327 g. Conversely, if the reading is negative 
It would be 11-83 — 0-0027 --- n’8273 g.* 

When the weighing is finished, remove the object and weights from the 

balance. To remove the fractional weights, bring the zero divisions of both 
discs against the fixed pointer. 


Bin o n?H h ® ^ M accuracy the load on the right-hand 

^ if the reading is rositivc. or decreased by 10 mg if it 

.s ncgatisc. A new reading is then taken and used for finding the weight of the object 
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§ 8, EUminatioD of the Effect of Unequal Arm Length. Reduction of the 

Weight of an Object to Its True Value in a Vacuum 

Direct weighing does not give the true weight (or more correctly the mass) 
of an object because of errors due to inequality of the balance arm lengths 
and to losses of weight because the weighing is performed in air 

In most usual analytical work these errors may be disregarded because 
they have the same (or nearly the same) effects both on t^hc wci^ght of sub- 
stance {q\ and on the amount of the component (a) being determined. 
Therefore, they do not affect the final results, i.c the percentage content 
of the component. The percentage content is found from the formula. 

n ==-^ X 100% 


If the arm lengths are unequal and as a result the weights found {a and q) 
are for example, l®o below the true values, the result is the same whether 
we ’lake this into account or not. This Is shown by the following: 


_ o + O Oifl ^ ,00 = * X 100 = — X 100« 
q -‘r O Olq I'Ol? ^ 


/ 

0 


However, sometimes it is necessary to know the true weight of a substance 
or object, and then the errors caused by inequality of arm length or weighing 
in air cannot be disregarded. For example, this applies to calibration ot 
weights ”0 determination of the capacities of measuring vessels for liquids 
or lases (from the weight of water contained in them), to determination of 

8toTnic weights of elements, etc. , . — , 

s7m,Um!s the true weight must be known even in analysis. For example, 

the nUrogen content of saltpetre is found by measurement of the volume 
of gaseous NO, formed by the reaction: 

NaNOj + 3FeCli t’ 4HCI == SFeClg + NaCl + 2H,0 NO | 

The weiEht of NO is found by calculation from its measured volume. 
In tiJis case the weighing errors are not compensated and therefore the true 
weight of the saltpetre taken for analysis must be known. 

We now consider how all these weighing errors can be eliminated. 

Tn^iialliv of the Length of the Balance Arms. We know from physics 
of the first order with equal arms, and the balance can be 

Thearms are exactly equal in length. In practice, however. this_can never be 
coireci only 11 nt- of every balance must be regarded as more or 

S'untiiSrsJ^ill weighing methods are used to eliminate the effect of this inequality 

method the object is first put on the left-hand pan and the 
uouDte rreigf «a ob eel is weighed and in this case the weight is P^. 

'^'^The w^Vwng'® thtn repeated with the object on the right-hand pan and the weights 
on the left.V the balance arms were exactly equal in length this weight would coincide 


3 - 6001. 
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with the first. However, in reality because of the unequal arm lengths we have a slightly 

^'^Doloting'the tiiie weight of the object by P and the lengths of the right- and left- 
hand arms by k and /j, we can write in accordance with the lever pnnaple: 

l.P = (1st weighing) 

/ji» = l.P, (2nd weighing) 

Multiplying these equations term by term, we have: 

■ L ■ P, = h • UP\ • Pt 


and hence 

p = yp^z 

Thus, the true weight of the object in air is the geometric mean of the two weighings. 
Since the values of and P, are similar, the geomeu-ic mean is almost identical with the 
arithmetic mean which is much easier to find; it is then assumed that 

P_Zl±A 

2 


Method of Substitution. By this method the object is placed on either pan and counter- 
balanced with any suitable material on the other pan. 

The object is then taken off and replaced with the necessary weighU to obtain the same 

rest point. 

Since the object and the weights are put on the same pan and therefore act on the same 
arm. the inequality of arm length has no effect and the true weight of the object is found 
directly. 

The Method of D. I. Mendeleyev. The third method, proposed by D. I. Mendeleyev, 
is as follows. A load close to the limiting load of the balance is put on one of the pans 
and counterpoised by weights in the other pan. The object is then placed on the pan 
with the weights, and weights are then removed to obtain the same rest point as before. 

The total of the weights taken ofT is clearly equal to the weight of the object. 

Reduction of the Weight of an Object to Its True Value in a Vacuum. By Archimedes’ 
principle a weighed object and the weights have an apparent loss of weight equal to the 
weight of the air displaced by them. Since the object and the weights differ in volume 
their losses in weight should also be different. This fact, like inequality of arm lengths, 
gives ri.se to errors in weighing. 

To find the true weight of an object a correction must be applied for weighing in air 
(buoyancy). 

It is easy to see that this correction is equal to the difference between the volumes of 
the objects and the weights, multiplied by the density of air (r/n). If the weight of the object 
(and therefore of the weights) in air is found to be P. and the densities of the object 
and the weights are dotj and d„„ as the volume of an object is equal to its weight divided 
by the density, we can write: 



where P„ is the weight of the object in vacuum. 

The density of air da depends on the pressure, temperature and humidity of the air 
and can be calculated from a special formula. However, such calculations are unneces- 
sary for ordinary analytical work. The value da = 0-0012 is sufficiently precise forprac- 
tical purposes. The density of the weights can be taken as 8-4 for brass and 2-6 for alu- 
minium. 

Let us consider two numerical examples of the reduction of a weight to its weight in 
a vacuum. 
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Examp/e I- H-e weight of an AgCl precipitate (density 5-6) in air is 0-5000 g. Find 
“%St.‘sinTaluminiunt weights were used we find from fonnula (1): 

E = 0-5000 + 0 0012 (^ - H) = 0 5000-0-00013 = 0 49987 g 

Thi<i examole shows thai the correction for buoyancy in air (0 00013 g in this case) 
This . u-cause it is smaller than the precision limits of weighing. 

” When larTmassesT^ weighed, as in calibration of measuring vessels, the error ,s 

'“T/"?hrweiSt'of'waM^o“S in a measuring Hask was found to be 
250 ^oT^ /o^ when weighed on a technical balance. Find the we.gh. of the water m 

''"Tolu, ion. Since brass weights were used and the density of water at 20-C is 0-9982, 
we have: 


/ 250-80 

P = 250'80 + 0 0012 ^ Q.99g2 


250-80 

8-4 


j = 250-80 + 0-27 = 251-07 g 


. • U. evf th/. u-ater differs by 0-27 g from its apparent weight in air. 

Th^dlfr^en^ u'7^\afg:1o"bfn^eg£7ed,^esp|^^ fact that the weighing was 
™ried out on a technical balance to an accuracy of 0-01 g. 


§ 9. Calibration of Weights 

Although analytical weights are made 

alter with tim^:. the relaUvc rather than the absolute precision of the 

It should be noted that as a rule ne re a ^ consistent 

wfeLn IheSves" e.l"the 1 g weight must be exactly twice as heavy as the 0-5 g weight, 

five times as heavy as ‘I]® ^ nominal weight (for example, pairs of weights 

- Sr 2‘"cr"th“ee welts ^hT nlb^r'l) they arc distinguished by one 

Xfwer^ts are “e7ne Llibrafed the effect of unequal arm lengths must be elimin- 

atej^for exampU, f°^\*',;^;,"®iently carried out as follows: The weight of the 
rid^Ts “roSnally assumed to be exactly 0-01 g and all the other weights are compared 

n me (0-01 g) weight is checked. It is first put on the left-hand pan with the 
F.rst ‘[!® isjo®n of the right-hand arm. The swings arc observed and the rest 

rider on the ^th ^ divisions (/,). To compensate for unequal arm 

KV“h% wet'ht is moved to the ri^t-hand pan and the rider to the 10th division 

Supiose^^fhal itTs’ fo"-3 divi^ons^f/.k U cfn beTown that the difference in weight 
beS the tested weight (T'.) and the rider (P.J m milligrams is: 

/.,_/>, = >/,(/,-/.)S 

where 5 is the value of a scale division. For exarnplc. if the sensitivity of the balance is 
^divlsfons per mg then 5 = >/. = 0-25 mg per division and 

p^—P. ~ i/j(10-3— 9-8) 0-25 « +0-06 mg 

Th.ic ihe 10 me weight is heavier than the rider by 0 06 mg, P,*= 10 06 mg = 0 01(»6 g. 
Sue of .he 20 mg weights (without mark) is next tested. I. is put on the left-hand 


3 * - 



36 


Chapter I. Introduction 


Table 1 


Example of Weight Calibration* 


. 


1 tx 

It 



P 

J 

Px 

Pt 

div. 

div. 

i 

GO 

E 

mg 

S 

1 1 

mg 

1 


Rider 
10 mg 
20 mg 
20- mg 

50 mg 

100 mg 
200 mg 
200’ mg 
500 mg 

1 g 

1' g 

r* g 

2 g 

5 g 

10 g 
10' g 
20 g 

50 g 


f 

1 


(10 mg) 

Rider 
10 mg-f- Rider 
20 mg 
10 mg 
20 mg 
20' mg 
10 + 20-20' + 50 mg 
100-r50- 20+20’-“ 10 mg 
200 mg 

100+200+200’ mg 

1 00 + 200 + 200’ T 500 mg 
1 g 

I g 

1 + r g 

i+i’ + r’ + 2g 
1 ^ r-f l” (-2 r-5 g 

10 g 

10 + 10- g 

1 t r ' I" r2 + 5 + 10+10’ + 

20 g 


9-8 

10-5 

9-8 

101 

9-6 

9- 2 

10- 3 
9-5 

9- 2 
100 
100 
101 

10 - 2 
90 

10-3 

9-9 

9-6 


10-3 

9-5 

10-3 

9- 9 

9- 8 
100 

9- 4 

10- 3 

10- 7 
100 
100 
100 

10- 4 
12-2 
110 
12-4 

11 - 6 


0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-25 

0-26 

0-26 

0-29 

0-37 


+006 

-012 

+006 

-003 

+003 

+010 

-Oil 

+0-10 

+0-19 

000 

000 

-001 

+003 

+0-41 

1-0-09 

+0-36 

+0-37 


0-01000 

001006 

0-01994 

0-02000 

0-04997 

0 1 0000 
0-20007 

0 1 9996 

0- 50013 

1 00035 

1- 00035 
1 00035 
200069 
5-00177 

10 00392 
10-00401 
20-00829 

50-02010 


0-00 

+0-06 

-0-07 

- 0-01 

-0-05 

-0-04 
- 0-01 
- 0-12 
-0-07 
-0-04 
-0-04 
—0-04 
-0-09 
-0 19 
0-00 
+ 0-09 
+0-45 

tO-50 


• E. V. AJcteyevsky. R. K. Golts anJ P. Musakin. Quantiialh-e Analysis, Goskhimiidat. 1957. 


pan. with the 10 mg weight which has just been tested on the right-hand pan and the rider 
on the 10th division of the right-hand arm. 

Suppose that the rest point !^ was 10-5 divuions. ’The weights (and rider) arc now 
ciianged over, and the new rest point is found : i, 9-5 divisions. Therefore, the difference 
between the 20 mg weight (P,) and the sum (P.) of the 10 mg weight and the rider is: 

P,— Pj * */. (9-5 — 10-5) 0-25 = —012 mg 

and since the 10 mg weight actually weighs 10-06 mg, the true weight of the 20 mg piece 
is: 

P, = 10 + 10-06— 0-12 = 19-94 mg = 001994 g 

The weight of the second 20 mg piece, marked with a dot (20') is next found. It iscom- 
pared wiih the weight of the first 20 mg piece (without dot) and its weight (P = 
=a 0-02000 g) is found by the procedure described above. 

The 50 mg weight is compared with the sum of the three weights: 20 mg + 20 mg + 
-10 mg. etc. Thus, the weights P of all the pieces in the set are found (see the second col* 
umn from the right in Table 1). on the assumption that the rider w-cighs e.xactly 10 mg. 

However, in practice it is more convenient to take as correct one of the larger weights, 
used relatively seldom, such as 10 g or 50 g, rather llian the rider, which is in constant 
use and therefore is subjected to fairly rapid wear. For example, if the 10 g weight (which 
was found to weigh 10-00.392 g) is taken as exactly 10 g. then all the other weights 
must be corrected in proportion, by multiplying them by the ratio 10:10-00392. The correc- 
tions arc then found (see the last column in Table 1) which must be added (with their 
signs taken into account) to the nominal weights. For example, if the 5 g r2 g+l’ g + 
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y g +0-2 g+0-02 g -t- 002 - Slights were g.^Therefore 

_ Jo9 - 0-04 - 0-04 - 0-01 - 0-07 " O <^4<)5S g « 9-2395 g. 

^o;?ecU:ifst "the box of weigh, or on the waU near the balance 

to which the set of weights belongs. 

§ 10. General Comnren.s on Work in a Laboratory for Quantitative Analysis 

When starting P-ctica. work ^rTt^l^tvl-e^tt 

rccur’lcV-a^dist^^^ the analytical results which ntay have taken a great 

deal of work and time to , strictly to the usual rules con- 

It is therefore specially taken alw ays to keep the work 

cerning orderly and clean • Huttered up by unnecessary objects. 

g^y^tus n^cel^ry'forr work in hand should be on the bench. Every- 

Sis' r,t"”o >•> 

or his neighbour. avoided during work in the laboratory. 

All sharp V before the scry last operation— \veigh- 

Analyses are b the precipitate is knocked 

ing of the "“ntent or accidental collision with a neigh- 

rour.‘’The“whl%naTsil which ntay have taken several hours of work. 

must be then repeated. u carefully in individual quan- 

The established re^rbered that analytical results can 

titativc determinations. It . I the particular method was 

be reliable only ^'’^“"f^robe^ed Any dcviifticn front these ccndi- 
developed and verified a ^ ^jn^iishes the accuracy of the method, 

tions leads to error an g ^ concerning techniques for 

Equal care mu^ be fiUrarion. washing, drying and 

performing ^Uhiugh some of these rules may seem very 

ignition of that they are all based on the vast experi- 

trivial, it must be of chemists and that only if they arc obeyed most 

cnee of ‘°H\ccuracv of the analytical results be obtained, 

strictly can the require v^orking techniques must become an 

Faultlessly cora-cr execution of^all -rking 

unconscious habit. In o rti^rformance of every individual operation, 

greatest attention to corre.^^^^^ ^ . ,,,,, of 

:ccurtt:«P^rcnt?tr which is on^e of the principal aims of a course 
of quantitative analysis. 


See § 12. 
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However, these skills are not enough in themselves. Even a person 
without any suitable chemical training can be taught to carry out analytical 
techniques correctly. However, such a person would be quite helpless when 
faced with the slightest deviation from the usual routine. For example, 
he would not be able to choose the most suitable methods for investigating 
a particular substance, to work out new methods of analysis, to interpret 
his results correctly, etc. All this requires a thorough knowledge of the 
theory of analysis, which must also be studied with very serious attention. 

In conclusion we must consider the keeping of laboratory notes, which 
are very important in quantitative analysis. 

Such notes must never be made on separate sheets or scraps of paper; 
a special laboratory log-book must be kept. Separate sheets or scraps of paper 
with the necessary numerical data are easily lost, and this wastes all the 
labour and time spent on the analysis itself. In analytical work for industrial 
purposes laboratory log-books are important for another reason. The labora- 
tory log-book is then the main document for checking the results obtained 
by the analyst (sometimes even after a long time has elapsed) whenever 
they are doubtful for any reason. 

The method of making notes will be demonstrated by concrete examples 
in the descriptions of different analyses. We will merely note here that 
such records must contain all the necessary data (results of weighings and 
volume measurements, calculations, etc.) and should be kept so that they 
can be easily followed when the analyst’s results are being checked. 

As far as possible all the necessary data should be entered directly into 

the log-book, without copying from other notes, as this may give rise to 
errors. 


Each determination should have a separate page, or better two, allotted 
to it. If two pages are used, the results of direct determinations and other 
information (time when the analysis was performed, method used, etc.) 
arc written on one page, and all the necessary calculations on the other. 

The numerical quantities with which an analyst deals may be exact or 
approximate. Exact quantities include: 

1. Quantities taken as constant, for example, valences of elements, the 
atomic weight of oxygen which is taken as 16, etc; 

2. Relationship between units; for example, I kg contains 1.000 g; 

3. The results of counting numbers of objects or operations; for example 
the number of known elements and their atomic numbers, the number 
of determinations carried out, etc. 

Approximate quantities include all results of measurements covering 
the results of weighing. No matter how accuratelv we try to weigh the last 
figure of the weight found must be unreliable. For e.xample, if we weigh 
a crucible on a technical balance and find its weight to be 7-12 g this means 
tlKU ,he weight lies between 7-11 and 7-13 g. If we weigh more acTurTi" 
we again find only the approximate weight of the crucible. For example 
If the same crucible is weighed on an analytical balance and a weight of 
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7’ 1244 g is found, in view of what was said earlier about the accuracy of 
weighing on the analytical balance, we must conclude that the weight of 
the crucible must be between 7-1242 and 7*1246 g. These examples show that 
the last figure in the result of weighing is always unreliable. The same is 
true for any other measurement, for example, the measurements of 
liquid or gas volumes, determinations of atomic or molecular weights, 

etc* 

Since this is so, all measurement results should be recorded in such a nay 
that only the last figure is unreliable. For example, if the weight of a cruci- 
ble was found to be exactly 7-12 g on the analytical balance, it would 
be quite wrong to record the weight in that form. In accordance with the 
above rule this weight must be recorded as 7-1200 g. When we use the an- 
alytical balance we can guarantee the correctness of the first three decimal 
places in the quantity 7-1200. Only the last figure in this number is unreliable, 
in agreement with the rule. On the other hand, if the same result is obtained 
when the crucible was weighed on a technical balance to an accuracy not 
greater than 0-01 g its weight should be written as 7-12 and not 7-120 or 

7*1200 g 

By obeying this rule the analyst reflects the precision of his data m the 
very way they are recorded. 

§ 11. Preparation of Substances for Analysis 

Before analysis can be started, the substance must be prepared. Two 

(a) the composition of some pure substance js to be determined; 

(b) it is required to find the average composition of a large mass of sub- 
stance, which is a more or less heterogeneous natural mixture or industrial 
product such as ores, slags, cements, alloys, soils, fertilizers, etc. 

In the first case the preparation of the substance for analysis must con- 
sist in removal of all possible impurities, i.e., obtaining the substance in the 
chemically pure slate. Solid crystalline substances which are often met in 
analysis are usually purified by recrystallisation. 

In the second case the aim is to obtain a correct idea of the composition 
of large masses of the substance (for example, of a whole production batch) 
by analysis of a small sample; therefore in preparing the substance for anal- 
ysis the important thing is to obtain an average sample, which is a sample 
truly representing the average composition of the whole batch. 

Purification. In recrystallisation the substance to be purified is dissolved 
in the smallest possible amount of hot water, the solution is filtered to remove 
insoluble impurities, and the filtrate is cooled rapidly. 

The solubility of a substance usually decreases on cooling, so that some 
of it is precipitated in the form of crystals. On the other hand, the water- 
soluble impurities, present in much smaller amounts, generally do not 
crystallise out on cooling but remain in the mother liquor. The crystals arc 
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separated by filtration and pressed out between sheets of filter paper, and the 
substance is obtained in a purer form in this way. 

Sometimes a single recrystallisation is not enough, and it is then 
repeated two or three times. In some cases even repeated recrystallisation 
does not give the desired results because the impurity enters the crystal 
lattice of the substance, forming mixed crystals.* 

Sometimes instead of recrystallisation solid substances are purified by 
sublimation. In this process the substance to be purified (for example, 
iodine) is heated and converted into vapour on heating, without melting! 

When the vapour cools crystals free from non-volatile impurities are again 
formed. 

To remove dissolved substances in liquids they arc purified by distillation- 
the well-known process of distillation of water is an example. * 

Mixtures of liquids are separated by fractional distillation. This is de- 
scribed in detail in practical textbooks on organic chemistry. 

Sampling. This is a very important operation, as on it depends the extent 
to which the analytical results correspond to the true composition of the 
material. If the average sample is taken incorrectly even the most careful 
and accurate analysis loses its value. 

Sampling techniques may be quite different in different cases. Each type 
of material has its own special sampling instructions, which take into account 
the specific characteristics of the material, the quantity taken, its purpose 
etc. These instructions arc given in manuals on technical analysis Here 
we shall only refer to the general principle on which sampling is 


This principle is that the average sample mu.u he composed of the largest 

possible number of portions of the .substance taken tptite automaticallv from 
different ports of the batch. ' 

To understand this, it must be remembered that the material for analysis 
IS not uniform in compo.sition. Different parts. lumps and grains may dif- 
fer greatly in composition within a single batch. Clearly, the more portions 
of the substance taken from different parts, lumps, etc., eo to make the 
average sample, the more likely it is that ail accidental deviations from the 
average cancel out, and the composition of the sample approaches the aver- 
age composition of the material. 

Tlie primary average sample obtained in this way is still unsuitable for 
direet analysis, because it is too large and very heterogeneous. It is therefore 
ground down (which makes it more lioniogcncous) and treated as described 
below ,n order to reduce the amount. One method often used is known as 
i7«</rte™,i; This is pertormed as follows: Lumps of the primary averaae 
sample, taken as described above, are first broken down to pirees aboS 
the s,« of a walnut, mixed, and spread out in an even layer in the form of 
a square. The square is divided diagonally into four triangles; one pair 


• Mixed cr>'stals are considered in deiail 


on p. 100. 
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of opposite triangles is discharged and the contents of the other pair are 
mixed and ground down further. 

The resultant material, which is much more homogeneous is again quar- 
tered and ground, and the process is continued until about 25 g (or some- 
times more) of the substance remains. It is then ground very thoroughly 
and put in ajar with a ground-glass stopper. This very homogeneous mate- 
rial is used for the subsequent analysis. 

In some cases grinding may cause changes in the substance ; it may become 
oxidised or lose part of its water of crystallisation. To prevent this the 
grinding should be performed rapidly: sometimes the substance is ground 
under a layer of liquid which protects it from the air. 


§ 12. Laboratory Vessels and Their Preparation for Analysis 

Vessels made of glass are the most important in chemical analysis. In 
addition to glassware, vessels and instruments arc made of porcelain, 
quartz, platinum, silver and other materials. 

Glass Glass varies in composition. Not every kind of glass is suitable 
for chemical work. The best kind is heat-resisting glass (Pyrex) which has a 
relatively low coefficient of expansion, a high softening temperature and 
good chemical resistance. Although heat-resisting glass and other types 
of resistant glass withstand the action of different solutions better than 
ordinary glass, even these types of glass arc attacked by water and solutions. 

especially if hot. 

Alkaline solutions have the strongest effect on glass; acid solutions (ex- 
cept those containing HF) have even less effect on glass than pure water. 

When any glassware is heated it is necessary to avoid sharp changes of 
temperature and uneven healing of different parts of the vessel.* Glass 
vessels must be heated on a gauze, and never over a naked tlaine. 

Porcelain. Porcelain vessels, such as crucibles, evaporating basins, beakers, 
etc., withstand relatively high temperatures. Porcelain is resistant to alka- 
lies’ and other chemical reagents. However, if substances arc fused with 
alkalies or carbonates, porcelain crucibles (or basins) are partially attacked, 
and the products of this attack subsequently contaminate the solution 
being analysed. Porcelain crucibles which arc generally used for ignition 
of precipitates, are the commonest in laboratory practice. They are quite 
satisfactory for analyses of moderate precision. Platinum crucibles must 
be used for analyses of higher precision. 

Quartz. In many cases vessels made from fused quartz arc used instead 
of glassware. Such vessels arc very resistant to abrupt temperature changes: 
quartz melts at a high temperature (about 1 ,700'C). Caustic alkalies and even 

• The degree of sensitivity to sharp changes of temperature depends on the type 
of glass For example, glasses of type B-2 and No. 846, which arc generally used for 
chemical glassware, withstand rapid cooling from 120-140' C to room temperature. 
Pyrex glass docs not crack when cooled rapidly from 220-240' C to room temperature. 
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alkali carbonates attack quartz glass, but acids have no effect on it (with 
the exception of HF and to some extent H3PO4). Vessels from pure quartz 
are of two kinds: transparent like glass, and translucent. 

Platinum. Because it is chemically very inert and its melting point is high 
(1,770°C), platinum is a most valuable material for a variety of chemical 
apparatus and vessels (crucibles, basins, electrodes for electrogravimetric 
determinations, etc.). However, although platinum is very resistant, it is 
attacked by chlorine, bromine, aqua regia (a mixture of concentrated HNO3 
and HCI) and caustic alkalies. Platinum forms alloys with lead, antimony, 
arsenic, tin, silver, bismuth, gold, etc. Compounds of these elements must 
not be heated in platinum vessels. 

Platinum combines with carbon, silicon and phosphorus which make it 
brittle and fragile. Therefore platinum vessels must not be heated over a 
luminous (smoky) gas flame; the inner blue cone of the flame, containing 
hydrocarbons, must not touch the bottom of the vessel (crucible, basin, 
etc.). When platinum crucibles arc used for ignition of precipitates they are 
picked up by tongs with nickel or platinum tips and placed in triangles 
consisting of metal wire enclosed in porcelain tubes, which protect the plat- 
inum from contact with the metal wire. 

The use of platinum vessels is greatly restricted by its very high cost. 

Cleanliness of Vessels. Before starting work, find out from the textbook 
what vessels are needed for the given determination. Then wash the neces- 
sary vessels thoroughly. 

Cleanliness of the vessels is of enormous importance in quantitative 
analysis. A vessel can be called clean if no contamination of any kind 
can be seen even by very careful examination, and if water runs down its 
walls smoothly without leaving any drops. Drops are formed if the glass 
surface is greasy: the presence of grease is most undesirable, as precipitates 
formed in chemical reactions usually adhere ver>' closely to the grease layer 
and are very difficult to transfer to the filter. Contamination with grease of 
vessels and apparatus used for exact measurement of volumes is particularly 
harmful, because when the liquid is poured out part of it remains in the 
form of drops on the walls of the vessel and the volume measurement 
becomes inaccurate. 

Glassware is washed as follows. First the vessel is filled with hot water 
and rubbed thoroughly inside and out with special brushes. This procedure 
is then repeated with soap or soda solution instead of water, and the vessel 
is then washed out thoroughly with tap water. If the vessel is not clean 
after this treatment and drops remain on its inner walls, it is washed out 
with “chromic mixture” which is a mixture of potassium dichroinate 
KjCr.jO- and concentrated sulphuric acid.* The chromic mixture is poured 


• To prepare chromic mixture, dissolve 5-6 g of potassium dichromate in 100 ml 
of water and cflre/H//v add 100 ml of concentrated H,S 04 to this solution (but not the 

Other way round). 
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into the vessel so that its inside wails are wetted thoroughly. The chromic 
mixture should then be returned to its container; it can be used repeat- 

cdlv 

Great care must be taken when using chromic mixture, as it can cause 
bums and damage clothing. If any chromic mixture gets on the hands or 
face it must be immediately washed off with a large amount of water, fol- 
lowed by NaHCOo solution. , . i. j -.u 

Instead of chromic mixture laboratory ware can also be washed with 

a mixture of equal volumes of approximately 0*1 N solution of KMn 04 
and concentrated H.SO^. Sometimes alkaline 
formula KMnO^, alcoholic solutions of KOH 
or NaOH, etc., are used. Grease is best removed 

by alkaline solutions. . , . 

After the vessel has been treated with chromic 
mixture (or the other solutions named above) it 
should be thoroughly washed with tap water and 
finally rinsed with a small amount (5-10 ml) ol 
distilled water. It should not be wiped inside with 
a cloth, as this will inevitably contaminate it again. 

In general chemical vessels are wiped only on the 
outside; if they must be dried inside, they are pul 
into a special drying cabinet heated by gas or 
electricity. However, in most cases this is unneces- 

Sometimes steaming is also used, especially to 
clean measuring vessels. The vessel is put on the 
tube of the apparatus shown in Fig. 11 and a current 
of steam from the flask containing boiling water 
is passed through it. The water condensing on 
the walls of the vessel runs back into the tJask. 

Steaming is continued until no more drops can be 

seen on the walls of the vessel. This not only cleans 

the vessel thoroughly but leaches out soluble 
components from the glass, which is sometimes necessary. 

Porcelain crucibles in which precipitates are ignited are cleaned out with 
hot dilute (IT) hydrochloric acid, then with chromic mixture and water. 
Often precipiiates such as Fc ,03 or CuO which colour the crucible cannot 
be removed because they become fused into the glaze. Such crucibles are 

quite suitable for use. 



Fig. U. Steaming of 
glassware 


§ 13. Errors in Quantitative Analysis 

No matter how carefully a quantitative determination is performed, 
the result always differs to some extent from the true content, i.c., it contains 

a certain error. 
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Analytical errors can be classified as follows: (a) systematic (determinate) 
errors; (b) random (indeterminate) errors; and (c) mistakes. 

Systematic Errors. Systematic errors are errors which are constant in 
magnitude or vary in accordance with a definite law. Systematic errors can 
usually be foreseen and either avoided or suitably corrected. They may arise 
from various causes. The following types of systematic errors may be noted. 

Errors of Method. These errors depend on specific characteristics of the 
analytical method used; for example, the reaction on which the determin- 
ation depends may not be quite quantitative; the precipitate may be partially 
soluble, or various impurities may be precipitated with it; the precipitate 
may partially decompose or volatilise during ignition; the ignited precipi- 
tate may be hygroscopic; the main reaction may be accompanied by side 
reactions which distort the results of volumetric determinations; the indi- 
cator used in the titration may influence the results, etc. Errors of method 
are the most serious cause of incorrect results in quantitative determinations. 

Errors Which Depend on the Apparatus and Reagents Used. These include 
errors caused by inequality of the balance arms or insufficient accuracy of 
the balance, the use of unchecked weights or uncalibrated measurement 
vessels, and errors which arise because extraneous substances enter the 
solution under investigation. The same category includes errors caused 
by contamination of the solution by decomposition products of the glass 
or porcelain of the vessels used for analysis: errors caused by the presence 
of the clement being determined or of interfering substances in the reagents; 
errors caused by the use of incorrectly standardised solutions for titration! 
etc. 


Individual Errors. These errors depend on the personal characteristics of 
the analyst himself: for example, his inability to detect exactly the end 
point in titration, etc. Individual errors also include the so-called psycho- 
logical errors. due to a certain bias often met with in students. For example, 
in duplicate weighings or titrations, out of two adjacent scale divisions on 
the balance or burette.* the student often tends to choose the division which 
is closer to the previous determinations or even to those found by his fellow- 
students rather than the one closer to the actual weight or volume. Obviously 
this merely makes the results less accurate and sometimes may make them' 
quiic unacceptable. Therefore the student must make it a rule to be as 

objective as possible and not to allow any bias in estimating experimental 
results. 


R.andom Errors. Random errors are indeterminate in magnitude and sign 
and ihcir appearance does not conform to any laws. Random errors niay 
arise both under the influence of external factors which do not depend on 
ilK> analyst (fluctuations of temperature and air humidity, contamination 
oi the air, inadequate lighting of the room, vibration of the building etc ) 
or as the result of careless work. Among the typical causes of errors which 


» 


A burctie (see Fig. 30) is a measuring vessel for liquids, 


used in titration. 
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^ ^ the analvst known as “operational errors”, the following may 

fromabeakc temperature; inaccuracy of weighing caused, for 

Sampte, by a temperature difference between the balance and the object, 
'\andom errors arise in -ery measurement, which 

determination, no of a particular element in a sample, 

eliminated by corrections increase of the number of replicate deter- 
increased care infLnce of random errors on analytical results 

"ant^'tim^teftheoi^U^ by statistical analysis (§14) of the results 

obtained in a senes ^crude^c^rors'whic^ distort the analytical 

Mistakes. Mistakes are Counting of weights or 

results, They errors caused by meormet^^^^^^ 

readings 'he solution or precipitate during the determ, - 

errors caused by spilling oi of the given determination incorrect, 

and°h’isThe^eforTrele";d when the average of a series of replicate deter- 

minations is found. ^ Analytical Results. Systematic errors determine 

Accuracy and fn,l the smaller the systematic errors m 

the degree of accuracy « result considered to be. On 

the determination, the " ^ errors determines the prernmn of 

the other hand, the "loser the results of replicate deter- 

the analytical more pr^ is the ana lysis considered to be. 

minations arc to each other h ^^P prove that an 

It is easy to ^ illustrated by the following example, 

analysis is of repeated titrations of equal volumes of a given 

Suppose that m a f volumes of hydrochloric acid solution were 

alkaline solution very rhe final 

taken; this shows from the reaction equation the amount of 

result It IS volume and concentration of the HCl solution taken, 

alkali f tu^. HCl solution had been inaccurately determined. 

If the "error will influence nil the results of the separate 

*d'’ete™Snrrnrdesp,te the good agreement the results would he cju.tc 

incorrect. 


^;;,r;;;ru,od or volumc.r.c analysis known as ti.ranon is described m « 4V. 
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Therefore, the accuracy of an analytical result can be assessed from its 
precision only in the absence of systematic errors. However, without overesti- 
mating the importance of precision, we must not forget that good precision 
shows the absence of any considerable random errors in the analysis. Even 
the most experienced and conscientious analyst may make such errors 
(and even mistakes); therefore, e\ery determination is performed at least 
twice, on two separate samples (replicate determinations). An analysis is 
regarded as satisfactory only if the results of the individual determinations 
are in good agreement; the average of these results is taken as the final 
result. 

It can be proved by the mathematical theory of errors that the error of the 
average of n determinations is [h smaller than the error of a single deter- 
mination. However, this is true only if the errors are random and therefore 
fluctuate in magnitude on both sides of the quantity being measured, i.e., 
are smaller or larger than that quantity. 

However, it may happen in analysis that the errors are all of the same sign. 
For e.xample, the results of weighing of a hygroscopic substance are always 
greater and never less than the true weight. Obviously the average value 
must be further from the true weight than the lowest of the weights found. 
It is evident that the errors in this case are in fact systematic and not random. 

Despite what was said above about the importance of replicate determi- 
nations. experiments on quantitative analysis are sometimes restricted (to 
save time) to single determinations with the use of recrystallised, chemically 
pure substances the composition of which can be easily calculated from 
tlieir chemical formulas. 

The errors in quantitative determinations, as in any other measurements, 
may be expressed in different ways. They may be classified into absolute 
and relative errors. 

In most cases the relative rather than the absolute error is of the greater 
interest. 

Absolute Error. The difference between the experimental result and the 
true (or most reliable) value, expressed in absolute units, is called the 
ohsolutc error. Suppose, for example, that crystalline barium chloride 
was found to contain 14-70"o of water of crystallisation. The formula 
BaCK • 2Hp shows that in reality barium chloride should contain 
14'75’„ of water of crystallisation. Therefore, the absolute error (Z)) is: 

D = 14- 70— 14-75 = — 0-05“o 

Relative Error. The absolute error expressed as a fraction of the value 
measured is known as the relative error. It is usually expressed as a percent- 
age. For example, in the above example the relative error (Dq) is: 

Do = X 100 = -0'34»„ 

It is ob\ious that for a given magnitude of the absolute error the larger 
the value measured, the smaller the relative error. For example, if the same 
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t occurs in the determination of barium m 

Sr sincere true content is 56-24%, the relat.ve error .s: 

± ® X 100 = ±0*09% 


D 


0 


5624 


1 avf-rnoe (M'i of the results is taken and 

If the true value IS unknown ag.^( resultant differences 

each individual result (x) is comp ^ j -^1 be shown more 

^ ;,_AO are known as for estimating the precision 

fully in § 14 th^ ^^Jtfonrfrom the mean can also be expressed either in 
of the results. Deviation mean taken as 100°o- 

absolute units or in ‘‘e^ove urn ’ ^ the Result of Analysis. 

Effect of Errors in Individual measurements must be 

In quantiUtive f sample and of the precipitate obtained 

made; for example, weigh g j ^ of solution used in volumetric 

from it (or measurement calculated the errors in the separ- 

analysis), etc. When the r introduce an error into 

ate measurements may . ors combine depends on the type of 

the final result. How the ^ 

mathematical how errors combine in different cases: 

formulas given below show now ^ 

Jr = Ax—^y 


r = nxy 
r^n(x:y) 

r = n (x±y) 

r = nx“>'^ 


Ar = n{-j Ax ± y Ay) 
Jr = aAx+bAy 


(c) 

(d) 

Here., and ..IrTr/relativc errors .n .he separa.e nreasurenren. of 

,, , fhe^^ela^ile inCude. 

” atomic a/" weights, the errors 

[^which are negligible in comparison w.th other errors). 

U. us consider an example dlusua'.ng^u^ mrvoiXtnhe“Kton“l 

mirup to IsMmr H h rnuSrS t find the concentration (C) of the substance ,n solu- 

C - j/ — 250 0 
‘%c the weight taken in grains; 

y is the volume of [" this concentration was determined if the 

We now calculate the balance to a precision of ±0 0002 g. while mcasurc- 

S an error of ±0-5 ml. The relat.ve error in weighing 

is; ±00002x100 


±U UW^Xiw _ ^ ft.ftjo/ 

Jq ^ ±004/. 
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The relative error in the volume measurement is: 



+0-5 X 100 
250-0 



Hence, from formula (b), we have: 

dC = Ag—/iy = ±0-04— (-I-0-20) 


Hence the relative error in preparation of a solution of the given concentration 
(0 002000 g/m!) lies between —0-16% and —0-24% (according to the sign of the error 
Jq when the sample was weighed). 


Compensation of Errors. Formula (b) shows that if one measured value 
is divided by another for calculation of an analytical result the errors in 
separate measurements may be partially or completely compensated. This 
compensation of errors is very useful, and determinations should be carried 
out in such a way as to allow it to occur. That is why all weighings must be 
carried out on the same balance and with the same set of weights. This is 
because the weight of the element being determined, found from the weight 
of the precipitate, has to be divided by the weight of the sample taken. 
The more similar the weighing conditions, the greater the compensation of 
errors. It was also pointed out earlier that because of compensation of errors 
(use of the same balance) in many cases inequality of arm length may be 
disregarded and buoyancy corrections arc unnecessary. 


§ 14. Treatment of Analytical Results 


As already stated (§ 13), to decrease 
result of analysis usually not 



lis- 12. Normal (Gaussian) disirtbuUon of 

random errors 

the corresponding probability of their 


onaJysis is to find the most probable 
value of the result and to assess 
its degree of precision. 

In absence of systematic errors, 
random errors conform to the 
so-called normal (Gaussian) dis- 
tribution, represented graphically 
in Fig. 12. In this graph the 
values of the quantity being de- 
termined (.y) are plotted against 
occurrence in analysis.* It is clear 


the effect of random errors on the 
one, but two or more determinations are 
performed. As a rule, none of 
these determinations give the 
true value, because they all con- 
tain errors. Therefore, the aim in 


• I he malhcmalical probabilils of any event i«; thp r .u 

^vhleh this event i>ccurrcd to the total number if ^ number of cases in 

dc.ernnnaiions a particular result (for cvTmp k ^ For example, if in 20 

the probability of this result cc 4 ‘»0 0 '’’inr ■)n' obtained in 4 cases, 

complete certainty, and probability a: = 0 “ = 1 represents 

■‘y a: u represents impossibility of the given event. 
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frnm the curve in Fig. 12 that: (a) the most probable value is the arithmetic 
mean M of all the results ; (b) positive and negative deviations from the arith- 
metic mean are equally probable; (c) small deviations are more probable 

“'The'Iferage deviation and the root mean square (standard) deviation 

of a single -suit are important in asses^^^^^^ dtll^omThe 

“ Trjw -si- f 


^av = 


n ~ n 


( 1 ) 


11 . v'lhie of d the more accurate the determination, i.e., 

the kss "hf f ct oT itferV^^^ However, the mathematical theory of 
the less the eiic magnitude of random errors is represented more 

correctly br^he use of the roo/ deviation (standard deviation) 

<7, calculated from the formula* 


i<n -<n -^ ■ ■ • -r <//; _ 1/ 

n - 1 1 « - 1 


(2) 


r,.. U Kir> ronrtom crror of analysis can be calculated by using this 
The probable ^ by the following example. In determining 


Chromium Conlont of Standard No. 146 Steel Sample 
(Determined b> the persulphate method) 


Detn. 

No. 

Chromium 

conicnt 

- 

Mcjn 

M 

1 

2 

3 

4 

5 

M2 1 * 

M5 1 

Ml f 

M6 

M2 ’ 

5-66:5 = M3>; 

=*= 5-66 



* 


4 


Devotion from 
mean 
d=iX—M 

Square ^ 
devijiions d* 

M2— M3 = -0-01 

1 

OOP = 0-0001 

|.15_1.13 = +0-02 

0 02- = 0-0004 

j.ll_1.13 = -002 ' 

0-02- = 0 0004 

1.16— M3 = +0-03 

0-03= = 0-0009 

1.12— M3 = -001 

OOP = 00001 

day = 0-018% 

Zd- = 00019 


. u/ fK « tar« number of determinations « — 1 is practically equal to n. 

*• Dymov. Technical Analysis of Ores and Metals {m Russian). Metallurgizdat. 

1949, p. 36. 
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For mathematical analysis of these results the arithmetic mean (Af), 
deviations of the individual results from the mean, and the average devia- 
tion rfav are first found. The individual deviations are then squared and the 
sum of the squares is found. Substituting this sum, and also the value 
of n into equation (2) we have: 


„ = = ± 0022 % 


It should be noted that o can be calculated with adequate precision for 
practical purposes from the formula: 

o=iiibl-25x4v (3) 

Thus, in the present case 

a = ~I-25x0018 = ±0*022"o 

According to the theory of errors, with a large number of measurements 
it can be asserted with confidence x = 0 997 that the random error in the 
determination will not fall outside the limits of or rb0'066°„. In 
other words, in a very large number of measurements a result outside the 
limits ot M3_0-066‘\, and M3-f0066o/, (i.e., 1-064 and l-196"o) would 
be obtained in only three cases per thousand measurements. 

If a smaller degree of confidence (a) is accepted, we have narrower limits 
for possible fhicluations of a% namely: 


vs llh a 

0-95 

II 

• 

(i.e., between 

I 086''„ and 

1174%) 

vvilh X 

0-68 

.V ~ M ,'/ 

(i.c.. between 

I- 108% and 

M52%, 

vvilll a 

0 50 

v A/ ; - 

between 

1115% and 

IT45%) 


Tims, virtually all random fluctuations of the measured value lie in the 
mismk^s Tnereforc. errors exceeding 3 ct should be rejected as 

The above results, based on the classical theory of errors, arc valid only 
It the number ot determinations is very large. In practice we always dca^ 
in analysis with relatively small numbers of determinations, so that the 
classical theory is inapplicable. Therefore, in estimating the influence of 
random errors on analytical results we must use modern methods of ma- 
thcnialical staiistics which have been w orked out for a small number of deter- 
minalmns. Here, as in the classical theory, the magnitude of the error is 
propoitional to the root mean square deviation a but the latter must be 
num,p:.c.i by a c.r.a.n factor whici, depends no. only on ‘ hm on 
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and the limits which contain the required value of x ( confidence limits ) 
are given by the formula: 

x = (5) 

Yn 

Values of t. have been worked out for wide ranges of a and n, and are 
given in special tables.* An abbreviated table of this type is given m 
Appendix VIII. We use this table to find the probable random error and 
the confidence limits for the value determined (percentage of chromium 
in the standard steel sample). We first use Appendix VllI to fmd the value 
of When using this table we must remember that instead of the number 
of determinations it gives values of K, which are less than n by unity (A — 
^ - 1). In the present case a: = 5-1 = 4. We take the column for confi- 

dence a = 0*95 (which is quite adequate for most cases) and m the honzon- 
tal row corresponding to = 4 we find = 2*78. Substituting t us m o 

equation (4) we have 


2 := ± 


2-78 x0 022 




= ±0-027 


O' 

0 


This value of the probable error T is a measure of the precision of the 
analysis, i.e., the influence of random errors on the result. The confidence 
limits which contain the true value of x are: 

X = l-l3±0-027% 

which is 1-I03-1-157%. 

If we took the confidence a = 0*99 we would have 


± 


4'60x 0-022 


= ± 0045 '^; 


and 


/5 

X = l-I3±0-045 
which corresponds to the range between 1-085% and 1-175®.,- 

By the classical theory of errors these confidence values correspond to rather |’ 2 rro\jcr 
confidence limits for x. They can be found from equation (5) by substitution of the value 
of 1 ^ corresponding to A = Thus, with a = 0-99 we have. 

^ ^ 1I3±0 025 

1'5 

which is between 1*105% and 1*155%. 

The table shows that in every case decreases rapidly with an increase 

in the number of determinations «. This decrease like the 

must diminish the probable random error 27 and narrow the confidcnc 

” Sec V. I Romanovsky. Fundan^ntals of the Theory of Errors, Gostekhizdat. 1947. 
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limits for x. This effect must be most pronounced with small values of n, 
for example, as we pass from two to three, four or five determinations, 

as it is in such cases that and j'TT decrease especially rapidly with the 
increase of Subsequently this decrease slows down, and a point is very 
soon reached when the increase in precision is too small to justify the 
expenditure of labour, time, and reagents involved in the increased number 
of determinations. 

We must remind once again that the values of E calculated as described 
above characterise the influence only of random and not of systematic errors 
in analysis. The analysis may prove quite wrong, despite a high degree of 
precision, i.e., a small value of -T, if there were any systematic errors in the 
analysis. Absence of systematic errors may be established by comparison 
of the difference between the arithmetic mean analytical result (M) and 
the true content (/I) of the clement being determined (J = M — A) with 
the probable random error 1'. If d < there are no systematic errors. 
Conversely, if A i?, there arc systematic errors. 

The true contents of elements in chemically pure substances can be cal- 
culated from their formulas. In the case of artificially prepared mixtures 
it is also usually possible to calculate A from the amounts and formulas 
of the components. On the other hand, the true contents of individual 
elements in various natural materials or industrial products arc unknown 
and must be estimated from analytical results, which always contain errors 
of one kind or another. In such cases the true content of a particular element 
is taken to be the most reliable average value from a series of determinations 
carried out with the utmost care by several different methods in different 
laboratories For example, standard steel No. 146. according to its accom- 
panying certificate, has been analysed for chromium by five different meth- 
ods in five leading laboratories of the U.S.S.R., the results being in the range 
of 1-12-IT6",,. The arithmetic mean of all the results (1-14®^,) is known 
as the established content of the given element, and taken as tiie true con- 
tent A. The established content is used whenever the standard is used in 
practice: for example, in verification of new analytical methods, in control 
of the work of laboratory assistants, in standardisation of solutions of vari- 
ous reagents, etc. 

The established content should also be used in deciding whether a partic- 
ular analytical result (or method) is correct. For example, in the present 
instance wc have: A = FH®;, and M - Therefore, the accuracy 

of chromium determination by the persulphate method can be assessed 
by the magnitude of the error: 

A = M—A = 1-13— 1-14 == — 0*01®„ 

Comparing the value found for .1 with the value of 27 (for a = 0-95) 
we see that 0-0! < 0 027, so that the deviation of the analytical result 
from the true value is less than the probable random error of analysis. 
In other words, the actual error of the analytical result (— O-Ol*’,,) is within 
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the probable limits of random error, and therefore it may be concluded that 

•A ■ t^A vuith the reacents only in absence of the actual material being 

§ 15. Calculations in Quantitative Analysis 

The final result of an analysis is found by calculation from tve.ght or 

volume data ^uch an integral part of analysis as any 

othe“ron Calculation errors lead to the same consequences as errors 
in any other analytical operation. ^ 

In •ndnslty been received from the laboratory. It is obvious 

immediately af er they have b^^^ inadmissible in such cases. That is why a 

‘s^udenrmust train himself to take the greatest care in calculations when 

he is studying tl“antitative analy^ calculations are approximate (p. 38), 
The numerica values used m ^uch "‘l^o-is^^^in, PP Since this is so. 
therefore the ealculation result ‘ of precision to which the result 

fs ‘to’be'’preL"nted, This i* betermined^ehtoby '^^^“^"^“aomider^'two 

types o°f caluhtit^s^w^ch ^r: met in quantitative analysis, namely, precise 

and approximate calculations jcuiations of the final result, which 

Precise Calculation . These mc^ude^c^,^ 

must be carried out ^ J ^ an inaccurate calculation 

be obviously quite >uadn^>sstblc as which Ly have been obtained with 

'rH fV’^uuTHo'we" i w^ Id be” ust Ts wrong to give a result to a 
frrmer’nS of d^c^a’l places than would correspond to the true preci- 

Sion of the the degree of precision to which a calculation 

The basic rule for dead already indicated in § 10. By this rule the 

figures in a result should be such that only the last one 

is uncertain. {iaurcs in a number, apart from zeros, on 

the IfffoTof zero's on the right if these replace unknown figures or are writ- 

^^fih^ects mention^ in this sectio^^^^^ 

novsky’s book: Fundament^s of 7 325 (1952); E. G. Grachov, Zhurnal 

articles by: N. P. Komar. Zhurnal Analif. Khim., /. JZ? 

Analit. Khim., 7, 42 (1952). 
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ten when the number is rounded off. For example, the number 0'0035 has 
two significant figures (3 and 5), as its three zeros are not significant but 
merely show the positions of the two significant figures. The zeros in the 
number 7-2500 are not significant if the number represents the weight of 
an object weighed on a technical balance, or is obtained by rounding off 
a weieht determined more precisely. On the other hand, if the same number 
7-25 o 5 was obtained by weighing on an analytical balance to a precision of 
0'0001-0'0002 g, both its zeros are significant figures. Zeros in the middle 
of a number, such as all the zeros in the number 10 0305 are also significant. 

Significant figures must be distinguished from decimal places. For example, 
the number 0-0035 has four decimal places and two significant figures; 
the number 10-0305 also has four decimal places but six significant figures, 
etc. 

The numerical quantities with which one deals in analysis may differ 
in tlicir degree of precision. The result of a calculation obviously cannot be 
any more precise than the least precise of the quantities used in the calculation. 
Therefore, to perform a calculation most rationally, it is first necessary to 
find the least precise of the quantities used and decide accordingly how many 
decimal places or significant figures the result should contain. 

If the calculation involves addition or subtraction of numerical quantities, 
the least precise is the one with the smallest number of decimal places. 
For example, if we have weights of 5-2727 g. 0-075 g, 3*7 g and 2- 12 g, the 
least precise is 3-7 g. where the number of tenths of a gram is uncertain. 
The same number is obviously uncertain in the sum of all these weights, 
i.e.. in the weight 

.v= 5-2727 1 0-075 +3-7 •2-12 =11-1677 g 


Therefore, in accordance with the above rule, this sum should be given to 
only one decimal place, i.e.. it should be rounded off to 1 1 -2 g.* It is there- 
fore obvious that in the calculation there was no point in taking all the deci- 
m.il places of the separate quantities, which should ha\e been rounded off. 
When this is done, it is usual to leave one additional figure, in this instance 
the second decimal place, which is then discarded from the final result. 
Therefore, this calculation should be performed as follows: 


A- “ 5-27 • 0-08 -3-7-^ 2-12 - 11-17 g 

and finally 

A - 11-2 g 

The result is the same but it was found much more simply and easily. 
In multiplication and division the least precise number is the one with 


* 

first 


When a number is rounded off, ihc Iasi figure retained is 
rcjLVtcd figure b 5 or more; ihis was done in this instance. 


increased by 1 if the 


§ 15 . Calculations in Quantitative Analysis 


DO 


the fewest significant figures. The figure 

ItratnT." hTruStrlr^elrtea h. the formuia: 

. « 


o 


oCl 




Ac\ • 


A/a?CI • ^ 


where , is the weight of the AgCl ° 

(7 is the weight of NaCl P-ken (M536 g), 

Ari is the atomic weight of n43-34) 

A/a.ci is the molecular weight of AgCl (143 3 ). 

Kf.r u 0 0536 which contains only three signit- 
Here the least four or five.* Therefore, the analyti- 

icant figures whereas the olhcrs h figures. The other quantities 

i” ".vrt" -i.- >-- « 

0- 1290 x 35-46x100 _ 59-55% 

y “ 143-3x0 05iO 

Finaiiy, rounding off -^„:St'r:5ii:;:naW:gu^rJi- 
If the same calculation is p ^^,^0 however, since the last figure 

a somewhat different result. namely^59J^ ,. M Hence it ,s 

of the result is uncerum t [ ^ one additional figure in 

clear that it is desirable but not essen calculations with four-figure- 

;.“£f " 

obtained in analysis “re numbers of f ^^ significant figures, 

analytical results m "“nh a conveniently earned out by 

Calculations involving "uu "u" antilogaritlims (see Appendix 

means of tables of ffn^'f'® . of jhese tables give just this degree of preci- 
IX and X at the end of he boo^T ,i,cch easier. If the final 

sion and at the same significant figures a slide rule may be used, 

result is to be given l^cady stated, it is sometimes necessary 

Approximate Calcula 10 * ^ approximate calculations which do not 

during analpis to per o Samples of these are calculations of 

require a high degree ^ taken or of the amount of precipi- 

the most suitable -mPl w-ghts to b^^J^k Qc,mnies like these 

need not“bfknown ^er^y precisely. For example, if the most suitable sample 
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weight of a particular substance is 1 g, and we take 0* 1-0-2 g more or less, 
this would not make any significant difference, as it is only important that 
the weight should roughly correspond to the optimum value. In just the 
same way there is no point in calculating the amount of precipitant precise- 
ly, as in practice considerably more than the calculated quantity is taken in 
order that the precipitation should be as complete as possible. It is therefore 
obvious that all such calculations should be carried out very approximately, 
the numbers used being rounded off very extensively. For example, let us 
consider the calculation of the amount of AgNOg required for complete 
precipitation of Cl' from a solution containing 0-0536 g NaCl: 

Precipitation of 58 448 g NaCl takes 169-89 g AgNO, 

Precipitation of 0-0536 g NaCl takes g AgNOj. hence 


.V *= 


0-0536x169-89 

58-448 


n t 1 u approximate result, the original weight of NaCl, 

0 0536 g, should be rounded off to 0 05 g. In that case, keeping one addi- 
tional figure in all the other numbers, we have: 


0-05x170 

-V = —5g-- = 0-15^0-2 g 


The same calculation can be simplified still further if the additional 
figure IS not retained, which is permissible in this case: 

0-05 ;• 200 

A 0-2 g 

It follows from this that quite often a calculation is greatly simplified 
if the required precision is taken into account. inipiiitca 


OL'tS'IIONS ANr> PROniE-\IS 


<on l.»5) 

t. What arc the c.scmal principles of gr.u .metric and v.dumetrie analyses? 

ua;adTk-dmuTalLd;nrm.d\?*^''^';^ HCI.NH.OH 

{NII.)C,(.>, (write the cciuaiu.n for the 

CaC.l), H.O was filtered off u ,vi. . ion) 1 he precipitated calcium oxalate 

Ignited it is'converfcd into Cat) turiie'dii'^'reae ion' '* 1 ^ precipitate is 

0 2302 g; calculate the percentage of e'deiunMn r 

.•f'MU cv ; 40 00 ' ,. * I* 


so 

pc 


3. Neutralisation of 20 00 ml of a solution oi- u 
duiion containing 0 004000 g NaOII ivr ml- • i -^0 PO ml of caustic soda 

:r line of sulphuric acid soiiuion. ’ '■aluilaie the number of grams of H,.SO, 

.t/iju-er; 7-355 g, 

-1. What is the adNantagc of volumein- .n.i 

b lumclri. anahs.s over the grasimetric method? 


Questions and Problems 


5. Wha. is the principle of colorimetric analysis7 What is its most important field 
rCt rL percentage of carhon in a «mple o^ca. iron if 1 0000 g of it, .hen 

(0“ and 760 mm pressure) is 22-4 hires. 

Answer: 3-97%. 

7 What is the precision of weighing on an analytical balance . 

g'. What is the weight of a ndc-^ a haUnce ^.h the^-^^ 
the beam scale; (>=) at the left of the tom sea . 

balance pan corresponds to “-P” ,, how is 

9. What is the sensitivity of a balance . u 
it determined expcrimeniaUy? 

r :; r. ■- “ — »• •' 

— - ... — . — 

left- 17-8; 17-6 divisions; 

right: 4-0: 4-2; 4-4 divisions. 

Answer: 10-9 divisions. 

13 Find the sensitivity of a balance and the value oi 

for the following pointer 

(a) with the rider on position marked o. 

' , f,. 14 - 2 - 140 divisions; 

nStt: 2<.; 2-8 divisions; 

(b) with the rider on position marked 7: 

1=-. 1^! "nxisions. 

answer: Sensitivity 3-0 divisions; ^^''^'l^^^rwl’^^ghed with 718 g 

onlTigm^nri^mDcte^S lo^ of T'rest points for d.fferent pos.t.ons of the 

rider gave the follow.ng results. 

Rider position 

7-2 divisions 

5th division 

- 12-2 !! 

7ih .. 14-7 

8th »♦ 

Find the weight of the crucible. 

Answer: 7 1 863 g. divisions, and the sensitivity at a certain load 

15. The zero point '’*’;S.ionsof the rest point from the zero point which can 
is 3-0 divisions. Find 1 coincidUce method ; (b) the error which results if the 

be disregarded in '^«‘eh.ng by he ^ 
weighing is terminated at a rest pouu 


Answer: (a) 0-6 division or less; (b) 0-13 mg. 
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16. Explain why an object to be weighed must be at the same temperature as the 
balance. 

17. A weighing bottle was found to weigh 12*7544 g on the left-hand pan, and 12*7538 g 
on the right-hand pan. Correct the weight of the bottle for inequality of the beam 
arms. 


Answer: 12*7541 g. 

18. The right and left arms of a balance beam are 79-90 and 80*00 mm long respec- 
tively. The weight of a crucible when weighed on the left-hand pan was found to be 
■H540 g. What is Its true weight (in air). 

Answer: 7*1440 g. 

19. A BaSOj precipitate (sp. gr. 4*5) weighed 0*6000 g in air. What is its weight in a 
vacuum? Aluminium weights (sp. gr. 2*6) were used; the density of air is taken as 0-0312 
g/cu cm. 


Answer: The correction for buoyancy in air is — 0*000117 g; the weight of the 
precipitate in a vacuum is '*'-0-5999 g. 

^* Explain why, in quantitative analysis, it is in most cases unnecessary to correct 

for inequality of balance arm length or for buoyancy in air. When are such corrections 
necessary ? 

21. How and why are substances recrystallised? Does recrystalUsation achieve its 
purpose in all cases? 

22. Explain the principle and importance of average sampling. 

23. A crucible weighs 8 g. How should this weight be written down if the crucible 
was weighed (a) on a technical balance; (b) on an analytical balance? 

24. How many decimal places should be retained in a total obtained by addition of 
weights some of which were determined on a technical balance and some on an ana- 
lytical balance? 


figures are there in the following numbers: (a) 0-00012: 
(b) 2-7005; (c) 3*5700 (weight obtained on an analytical balance)? 

Answer: (a) 2; (b) 5; (c) 5. 


26 How many signifiwnt figures should be retained in values of atomic and molecular 
calculation of the results of gravimetric or volumetric determinations'^ When 
should atomic and molecular weights be rounded off in calculations? 

^differences between systematic and random errors and mistakes. 
Point out the causes of systematic and random errors. 


ir meaning of accuracy and precision of a determination or method. 

If the precision of a determination or method is high, can it be assumed accurate? 

dovIL^S^"* deviation of a single result? What is the root mean square 


8 25 V.'^ 8 '^ 5 V-' 7 o 5 tT 20 V^^^^^^ determinations of nickel in an alloy: 

^ <> 20/;, 8 02/;. Find the indeterminate error of analysis <assum. 

mg confidence a = 0-95) and the confidence limits for the result. (assum- 

Answer: T = ± 0*102%: ^ - 8*14±0-102%„ (i.c., from 8 038% to 8*242%). 


CHAPTER // 

GRAVIMETRIC ANALYSIS 


§ 16. The PriDciple of Gravimetric Analysis 

The content of a given element (or ion) in a substance is usually found 

in grav^Ltric analysis from the weight of a precipitate formed when the 

element or ion is converted into an insoluble compound. In addition to 
element or lo .u js are used. For example, volatile components 

("hT cO ’etO of a substance arc often determined by volatilisalion; 
:u S’ warmed or ignited and the amount of the component is 

f ^ H fi- m the loss of weight A volatile component (such as CO^) can also 
found by a suitable method (for example, by the 

actfon^f HCl) and determined by absorption in a suitable absorbent.* 
Tt^ case the amount of CO, is found from the increase m the weight 

is cons.e.a m 

detail ^^'^* , ** of the substance to be analysed is brought into so- 

1 t method and the element to be determined is then pre- 

lut.on by " (or liberated in the free state). The pre- 

cipitated as a ^ off washed thoroughly, ignited (or dried) and weighed 
cipitatc s f ^ ^ j- be element is calculated from the weight of the 

p;:c7ptt^e In'd TlrmZl and expressed as a percentage of the sample 

ct imnorianl of the above operations is precipitation. The prcci- 
Thc most to a considerable extent on the choice 

s:on of amount of precipitant added, the conditions of prccipt- 

of precipit ' . . j ay be accompanied by complications (such as 

tation etc. Prec^ t^m^^^^ coprecipitation of impurities, etc.) which 

mShe analytical results quite incorrect unless the analyst takes appropriate 


• In this case soda lime, which is a mixture of CaO with NaOH. 

•• Sec p. 16. 
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steps. Because of all this we must first consider the theory and practice 
of precipitation. Other operations in gravimetric analysis will be discussed 
later. 


§ 17. Requirements for Precipitates. Choice of Precipitant 


If an insoluble compound of a particular clement is to be used for gravi- 
metric determination by the precipitation method, it must satisfy a number 
of requirements. Before considering these requirements, we should note 
that the precipitates formed during analysis are usually ignited. Many pre- 
cipitates undergo chemical changes during ignition. Therefore, very often 
not the precipitated compound but some other compound is weighed. 
Accordingly, a distinction is made in gravimetric analysis between the pre- 
cipitated form and the weighed form. 

The precipitated form is the name given to the compound precipitated 
front solution by the action of the appropriate reagent, and the weighed 
form is the compound which is weighed for determination of the final result. 
For example, in determinations of Fe ’ and A I ’ the precipitated 
forms arc usually the hydroxides Fe(OH )3 and Al(OH);,, formed by the 
action of NH,,OH on the solution. The weighed forms are the anhydrous 
oxides Fe^O^and AKO^. formed by ignition from the hydroxides, forcxample: 

2Fe(OH)3 = Fe,03-^3H30 


In determination of Ca ' ' the precipitated form is calcium oxalate 
CaC.O, • ll.O, and the weighed form is calcium oxide CaO formed from 
It vn Ignition: 

CaC.O, ■ H.O = CaO • 1 CO. • ‘ CO ^ ‘ H.O 

• I •« » w 


In soni ' cases the precipitated and weighed forms may both be the same 
compound, F<ir example, Ba ' ■ and SO,' ' ions arc precipitated and 
wciglicd as barium sulphate which is not changed chemically when ignited. 
In just the same way in determination of Ag ' ions (or Cl ' ions) the precip- 
itated and weighed forms arc both siKer chloride AgCl, etc. 

li is obvious that the precipitated and weighed forms must conform 
to different requirements. Let us consider them separately. 

Requirements for the Precipitated Form. 1. The precipitated form should 
have low .solnhiliiw without which practically complete precipitation 
(.)t the gi\en ion or element is impossible. It is known that the solubility of a 
sparingly soluble electrolyte is characterised by its solubility product (SP).* 
It is lound in practiec tliat in liie case of binary electrolytes (compounds 
the molecules of which dissociate into pairs of ions, such as BaS 04 , AgCl, 
eie.) precipitation is practically complete only as long as SP of the precipi- 
tate does not exceed 1-10 Therefore compounds with SP>10 are 


* Stv \ . N, Mcvoc^. (Jim/iiatnv .iniily.iis. § 
Coio'w oj (JuahtiiitYc Chc/nical Semifniaonmilvsis, 


Goskhimizdai. 1954; V.N. Alexeyev, 
§ 28* Goskhimizdat, 1958. 
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generally not used as precipitated forms in gravimetric analysis Of course, 
the suitability of a particular compound for this purpose also depends 
on the degree of precision required in the analysis. In less precise deternuna. 
tions it is occasionally permissible to use as the precipitated forms compounds 

which cannot be used in more precise analysis. ^ , , 

2 It is also desirable that the structure of the precipitate should be such 
as to allow of rapid filtration and washing. Precipitates consisting of reUi- 
tively large crystals are very convenient, because they hardly clog 
cores and as^heir specific surface is not extensive they do not readily ad- 

Torb impuruties from solution and are easily washed 

fess conven enUn this respect. Moreover, if the precipitation is not performed 
correcdyTch precipitates readily pass through the filter purest of course. 

'^Xi^mur;:^i;i;a!:s;" wl-- suc^ as AKOH,,. have 

exte^s^ve snecifk surfaces and therefore adsorb considerable amounts of 
impurities which are difficult to wash off. Moreover, filtration is very slow 

Howesw'because of the lack of compounds of more convenient proper- 
tierTis oflen necessary to use such precipitates. In such cases the analyst 
Jrie; to create conditions in which the disadvantages of amorphous precipi- 

r Analiftte ;iec%t"t’e7form must be converted fairly easily and 
completely 1. The most important requirement is 

Requirements for the We /armu/a. 

otioully'XX it wol be fnfpossible to calculate analytical results: 
f r ^mnlr if the weighed precipitate was an indefinite mixture and not 
In Sdual chemical substance of a definite composition corresponding 

‘“How^ermany precipitates obtained in analysis do not satisfy this require- 
However m y F i hydroxide precipitate formed in gravimetric 

Tellirnation on on does not cJrrespondlxactly to the formula Fe(OH).. 
determination „„oupis of water which depend on the precipitation 

but contains variabkamoun^ known exactly. Therefore, it would be more 

SI’re'cTto write iJs formula as FeM-iiH.^O. When ferric hydroxide is igmt- 
Id all this water is removed and a compound of quite a definite compo- 
sition is formed, exactly corresponding to the formula FeA,. 

The comnositions of precipitates originally formed often do not corre- 
spMd to their formulas, and that is why they have to be ignited, Moreoser 
w'^hen a precipitate is ignited the water and any vo atile impurities retained 
by it are completely removed, and the filter itself is converted to ash. 


• The entrainment of impurities from solution by precipitates as the result of 
adsorption and other causes is discussed more fully in § 25. 
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2. The weighed form must have adequate chemical stability. Analysis 
obviously becomes more difficult if the weighed form readily changes 
its composition, for example, by absorption of water vapour or CO 2 from 
the air, by oxidation or reduction, by decomposition at higher tempera- 
tures, and similar processes. If this happens the composition of the precipitate 
no longer corresponds to its formula. Such properties in a precipitate need 
not make the determination impossible, but would involve a number of 
measures for preventing changes of composition, which would complicate 
the analysis. 

To avoid this, it is often preferred to convert a precipitate having such 
properties into a more convenient weighed form by treating it with suitable 
reagents. For example, CaO precipitates readily absorb H_.0 and CO^ 
from the air (which makes weighing difficult); therefore they are sometimes 
converted into CaSO, by treatment with sulphuric acid in the crucible, 
and excess acid is removed by evaporation. 

The precipitate also has to be treated with reagents if it undergoes partial 
reduction during ignition by the action of carbon and of products of incom- 
plete combustion of the filter. This occurs, for example, in determination 
of Cl in the form of AgCl (§ 40). 

3. Finally, it is convenient if the content of the element being determined 
in the precipitate should he as low as possible,* because errors in the 
determination (for example, weighing errors, losses due to solubility of the 
precipitate or incomplete transfer to the filter, etc.) have less effect on the 
final result of the. analysis. 

For example, tlie same absolute error in weighing BaCrO, and Cr.O^i 
precipitates influences the content of chromium found 3’5 times as much 
in the second case as in the first. 

The loss of I mg of precipitate in analysis corresponds to the following 
errors in determination of tlie weight of chromium: 


Wcifcjhcd form CrjOj 

152 ini’ Cr.O, comains 104 mg Cr 
1 nii; Cr/.), contains a- mg Cr 

V 1=0-7 mg Cr 


Weighed form BaCrO, 

253-4 mg BaCrO, contains 52 mg Cr 
1 mg BaCrO, contains a mg Cr 

^ ^3-4 ' ""S Cr 


The above requirements largely determine the choice of precipitant. 
In addition, the following consitlerations should be taken into account. 

It is lound in practice that precipitates formed during analysis aUvays 
lake \aiious extraneous substances or ions from solution with them. These 
include ions ot the precipitant which have to be removed from the precip- 
ii.ites by washing. Since such washing may prove incomplete, it is convenient 
if the precipitant is volatile, as in that case the part of it not removed by 


• In other \^ords. the eonversion factor (§ 32) ti e., the factor by which the weight 

of the precipitate is multiplied to find the content of the gisen clement) must be as small 
ns rx'^ssiDlt?. 
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washine is volatilised during ignition. In view ^ 

tated by NH ,OH rather than by KOH or NaOH i by H 50, a 

Kv SO or K SO,' Ag by HCl and not by NaCl, etc. 

it i^ not afways possible to follow this rule For exampk^ 

when Cu+ + is precipitated as Cu(OH), it is not possible to NH.OH 
because the precipitate is soluble in excess of this reagent, and NaOH or 

’"XSV'thrprecipi'tates must be washed with special thoroughness 

In“omSce ■ a particular ion usually has to be precipitated in presence 

Thi<; mav be illustrated by the following example. The A1 

This may pe mubua f . auoHI bv the action of ammonia, 

ksi 

However, this method is p in that case it is better to 

r sulphas Na.s.o„ 

which reacts with A1 + + + as follows; 

2A1+ f f +3S,05-+3 H.iO = f 2Al(OH)3+ i 3S+ t JSO^ 

• AUOH^ +S is filtered off, washed and ignited. The 

The precipitate of AKOH )3 + b is l q jhjo- 

sulphur burns away, 

'“o?course'^t‘i Calways possible to find a spedfic precipitant. In such 

cases masking of the precipitated by the particular reagent; 

fairly swble .“'"P'^^^^^f.^Tionl C removed from solution by some 
furWe'iifetiU^Su’Ch me'thods are described more fully later ,§§23 and 35), 

§ 18. Amount of Precipitant 

, .«,,<iiit5»riv<* analvsis that a solution of a particular sparingly 

so;:rblCTctVo;'yte becomes satur^^^^ 

rr r: grrmUerature, Known 

For lead sulphate solution saturated at 25 C we can write. 

[Pb*^ ■*■ ] [SOr “ ] = SPpi,so4 = * 

[Pb+ + HSOT"]< 2-2xl0-« 

then the solution is not saturated, and some more lead sulphate can be 
dissolved in it. 
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If the solubility product is “exceeded”, i.e., 

[Pb- + ][SOr^] >2-2x10 “8 (at 25°C) 


then the solution is supersaturated and a certain amount of PbSO., must be 
precipitated. Therefore, by the solubility product rule* a precipitate is 
formed only uhen the product of the concentrations (or, more precisely, 
the activities)** of the corresponding ions exceeds the solubility product 
of the precipitated compound at a given temperature. 

Therefore, if equal volumes of 0-0001 M Pb(N 03 ).. and Na.^SO^ solutions 
are mixed PbS 04 is not precipitated. When equal volumes of these solutions 
are mixed the concentration of each of the two substances is halved and 
becomes 0-00005 M or 5x 10 A/. Since salts are strong electrolytes and 
arc therefore dissociated almost completely in aqueous solution, and each 
molecule of these salts dissociates to give one Pb"^ + ion or one SO^-- 
ion, the concentrations of these ions after mi.sing are also equal: 

[Pb+'^]= [SO.--] = 5x10-5 g-ion/Iitre 

Therefore, the ionic product (i.e., the product of the concentrations of 
the ions in solution) in this case is: 

[Pb" ■" ] = [SO, ] = 5 v 10 ' 5;.'5 . 10-5 ^ 25x I0-i«=2-5x I0-» 


Since 2‘5 a 10 2'2x 10 i.e., is less than SP for PbSO,, at this temper- 

ature, the solution is unsaiurated with respect of PbSO, and this salt is 
not precipitated. 

When the ionic product [Pb-^-^] [SO,--] exceeds 2-2:': 10 "8, the 
soluOon is supersaturated with respect of lead sulphate and the latter is 
precipitated. As this precipitation proceeds the concentrations of the re- 
spective ions in the solution gradually decrease, and when their product 
becomes equal to SP for the precipitate, dynamic equilibrium is established 
between the precipitate and solution and further precipitation ceases 

1 he liquid phase is then a solution of PbSO., saturated at the civen temocra- 
ture. ® ^ 


Since no substance is absolutely in.solublc in water, the solubility product 
can never be zero. It follows that thcorciuolly no precipitation can ever 
be quite complete. Part of the ions being precipitated, corresponding to SP 
ot the precipitate, always remains in solution. However, as in qualitative 
analysis, wc are concerned with practical rather than theoretical complete- 
ness of precipitation. For qualitative analysis we can consider the precip- 
itation of any given ion as practically complete when the amount remaining 

m solution is too small to interfere with any of the subsequent analytical 

operations. Similarly, m gravimetric analysis precipitation is regarded as 


• See V. N. Alexeyev, Qualitative .inalvsis. § 24 Goskhimizdai msa nr v w 
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nraclicalh complete when the amount of the precipitated substance remaining 
niS is beyTnd the precision limits of weighing, i.e.. when tt does not 

Tof oracUcalfy complete precp.ta.ion of a particular ion it is evidently 
rie Approximately ca.cu^|ed^from the react.on 

Pb(CH 3 COO)^ 3 H!o of Pb" " ions with sulphunc ac.d: 

PMCHjCOO).. .3H,,0 cH,SO, = i PbSO.+2CH3COOHT-3H,,0 

If the weight of Pb(CH 3 COO )3 • 3 H 3 O taken for analysis was 0 6525 g, 

we can write: r ^ cr. 

1 mole of Pb(CH.COO), -SH^O takes 1 mole of H,SO. 

0-6525 g of Pb(CH,COO )3 -JH.O lakes x g of H,SO, 

Since this calculation is only 

is not required (p. 55) rounded off to O' 7 g. and the molecular 

380 and 98 respectively. Then: 

380 g of Pb(CH,COO), ■ 3H=0 takes 98 g of H.SO. 

0-7 g of PWCH .COOh -3HP takes x g of H.,SO. 

0 7 
380 


,T - 


0-2 g 


in the form of a solution of some 

Since the precipitant is ^ weight of sulphuric acid to the 

known concentration, we must c ,_.,.i^ris are expressed in percentages, 
volume of solut.on. Solution concentrat.^^^^^^ 

moles (molar solutions) or ^ solution represents the number of 

j;: ■!=.:: .o. .« e- 

cules), and the normal concentration the numocr b 

litre of solution. solution containing 10 “.. (by volume) of 

Suppose, for example, Ph+ + The required volume is found by 

HjSO^ is used for precipitating lb- H 

proportion. solution contains tO g H^SO, 

X ml of solution contains 0 2 g H^SO, 

O^JOO ^ 2 
* 10 

xxc miirh simpler if the concentration of the prccip- 
itam istxptrd in mots (or gram-equ.vaicn.s) rather than in percentages. 


5 ~ 6001 
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In snch a case the volume of precipitant solution required can be found by 
simple proportion. For example, if the concentration of the ^P^unc acid 
solution is 0-5 A/ (which is IN), since one gram-molecule of H2SO4 is con- 
tained in 2 litres of this solution, we can write: 

380 g of Pb(CH3C0O)2-3H,O takes 2,000 ml 0-5 M H-SO^ 

0 7 g of Pb(CH3COO)2-3H.O lakes a: ml 0-5 M HjSO* 

0-7 X 2.000 


X = 


380 


4 ml 


Let us now consider how completely PbSOj is precipitated if the amount 
of precipitant calculated from the reaction equation is added. When this 
amount is added, one SOj"" ion is introduced with each 
and therefore the concentrations of these ions must be equal at the end ot 
precipitation. The product of these concentrations (at room temperature) 

[Pb ^ 1 [SO - - ] = SPpbso, = 2-2X 10-“ 
and therefore the concentration of each is 

■ + I ^ [soF - ] = 1^2X10-“ =« 1'5X I0-* g-ion/litre 

If all these Pb ' ' and S04“ “ ions remaining in solution were to combine 
and form a precipitate, 15'-. 10“ ‘ mole or 1*5 X 10”^x 303 g PbSO^ would 
be obtained from each litre of solution. However, only about 100 ml of 
solution is used in the analysis here. Therefore, the loss due to solubility 
of the PbSO, precipitate in this case is approximately 

J = 1'5. 10 *x303x0-l 00045 g 

It is evident that the precipitation of Pb cannot be regarded as prac- 
tically complete in this instance because the loss due to solubility of the 
precipitate is approximately 22 times the permissible value (0‘0002 g). 

§ 19. Kffect of F.xcess Precipitant on Completeness of Precipitation 

l\ was^l10\vn in the preceding section that precipitation of a substance such 
as I’bSC), (SP- 2-2 10 ") is very incomplete if the equivalent amount 
of pivcipiiant (i.c.. the amount corresponding to the reaction equation) 
i, usi-i.l. Theory and practice both show that the precipitation can be much 
i.u'ic complete if excess of precipitant is used. 

According to the solubility product rule, the prodiu t of the concentrations 
precisely, the activiaesj of the ions of any sparingly soluble electrolyte 
r‘ : earn entrated solution (f that electrolyte is constant at a given temperature, 
io ,s eipicd to the SP <\f the electrolyte,* for example: 

[Ph ')lSO;--].= SP,,,,so.--2 >0-“ (at 25'‘C) 

l or ihe dcnvaiion ot the solubility product rule* see: V. N. Alexeyev. Qualitative 
Analysis, ^22. Cjoskhimi/dai. 1954: and V. N. Alexeyev, Course of Qualitative Chemical 
Si'minin'romialisis. § -S. Gosklnmizdat. 1958. 
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4 - + 


'■ '"'SJr “ ssr tsss; eu 

^otulion obtainEd al ibe end of the precipitaiion.|he concenltation of the 

precipitating SO,-" ions must be correspondingly raised; i.e., excess of 

'’tpp^L* fm “am^^'th’S Tn'etd of the 4 ml of 0 5 A/ H SO, solution, 
as required by calculation, we take 1'5 times as much, ^ fok It is easy to 
calculate the loss due to solubility of the precipitate in this case. 

^ ^2 .1, 

ex«ss amount of sulphuric acid becomes ddmed 
100 ml, and the R^SO, concentration in solution therefore 

” SirL‘H°S0 Ts 'a°st^OTg electrolyte, and each molecule gives one SO," " 
ion^'r difocilo^n we Ln disre^eard the small amount o^Sp,- - ions 

^liiT^i^’th:^ s:’^::^ti^s-t,ihiiuy o^ Phso, 

(in moles/litre) by x, we can write [Pb 1 - x. 

Therefore, 

[Pb + ■*■ ] [SO, - " 1 = ^ ^ 

x = 2-2xlO-«A/ 

The loss due to solubility of PbSO^ is 

.d = 2-2x10 -®x 303x0*1 =0 00007 g 

tically complete. The same is found for othp cases “f ^ I' ,g‘_. 

grnvimetr/c mi^r ,/,e ” '^catlled from” reaction 

ecuaTor However when method of lowering losses due to solubility 
of the precipitate is used, it should be remembered that roo gr.a, an excess 

rnmi^fo wTx compounds or acid salts or by the amphoteric charac- 

oftt;h:;5;r‘in'^^^^ -.y^is that a preapuam 

which is initially formed redissolves when excess preapiuint is addet . 
tIJIs is foind for instance, in the reaction between HgCl, and Kl. when 
excess KI dissolves the Hgl, precipitate owing to formation of the complex 

sal. KJHgf,]: Hgl,+2KI = K^HgU 


5 * 
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In this reaction Hg"^ and 1“ ions which enter the solution from the 
precipitate combine with added excess I ~ ions to form the very slightly 
dissociated complex ions [Hgl 4 ]‘-, the instability constant* of which is 

5x 10“®^. 

It is known, however, that if any of the ions of a precipitate are removed, 
the precipitate must dissolve completely or partially. Because of this reaction 
the product of the precipitate ion concentrations in solution becomes less 
than the solubility product of the precipitate, and the previously saturated 
solution becomes unsaturated. Since this solution is in contact with the 
precipitate, it must dissolve the latter. In the same way, when Zn+ + 
is precipitated by addition of NH^OH, the Zn(OH)> precipitate dis- 
solves in excess ammonia owing to formation of the comple.x ammine 
[Zn(NH3)6](OH),: 

Zn( 0 H),+ 6 NH 40 H = [Zn(NH3)J(OH), + 6Hp 

Similarly, in precipitation of Ag- as AgCl the solubility of the latter 
rises owing to the formation of the complex compound H[AgCk] or 
Na[AgCI . ) if a large excess of precipitant (HCI or NaCI) is used. This is illus- 
trated^ by the following data on the solubility of AgCl in NaCl solutions 
of various concentrations: 


NaCl concentration. 0 0'00.t9 
mtilcs litre 
.Solubility of AgCl, 

niillimoles'/litrc 0013 000072 


00092 0088 0-35 05 0-9 

0 00091 0 0036 0 017 0 028 010 


2-87 

100 


• Onu millimole — OOOi mo - (gf.ini-molecule). 


U follows from these data that at low NaCl concentrations the solubility 
of AgCl is lower than in pure water (the effect of introducing the common 
Ci ■ ion). However, after re.iching a minimum at about 0 004 A/ NaCl con- 
centration, the solubility of AgCl rises again as the result of complex Ibr- 
m.uion and at 2'87 A/ NaCl it is about 770 times as high as in pure water. 

When ions are precipitated as sparingly soluble hydroxides, the precipi- 
tates may dissolve in presence of excess precipitant if the hydroxides are 
amphoteric, for example: 

Al(OH), OH - A107 -i-2H,0 


Formation of aUmiinates in quantiiative analysis must be taken into 
account even if Nil, OH is used as precipitant, because excess of it raises 
tlic solubility of .M(OH);i considerably and makes the precipitation in- 
complete. 

When Pb ' " is precipitated as sulphate, a large excess of precipitant 
raises tlic solubility of the precipitate because SO, ions formed from 


• 1 »>r fuller details sec: \'- N. Alc\c>cv. Cotase of QiMlifalive Chemical Semimicro- 
Goskhitni/dai, 1958, p. 258. 
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it in solution combine with hydrogen ions to form HSO, anions. The equa- 
tion for this reaction is: 

PbSOi + H.SOj = PbfHSO^), 

§ 20. The Salt Effect 

u that excess of precipitant is usually required for 

It was "hown earlier that exces determinations. However. 

practically ^ ^ because the solubility of the precipitate may 

too great an excess ^ of complex formation, formation 

be raised rather than of the precipitate (if 

of acid salts, or bccaus of the of too much 

It > 5 ,“ hydroxide) Ther ekdrolytes present 

precipitant should be avo . ^r.iahiUiip': of nrecipitates in contact with 

in solution usually ^ ev and I. B. Mizetskaya* found that ^e 

rtenr For examp^, T V Ta" 

solubility of PbS 04 »s ^ concentrations of such 

etc., and the ^crease g ^8^ explained as follows, 

salts. This that the solubility product is only 

We know from ^^ucj of the ion concentrations in saturated 

approximately ^ roduct of the ion activities in saturated solu- 

solution. ["/eality. It IS P ^ remembered, is the effective or 

tion which is constant. Acu > , ^dance with which it takes part m 

apparent <:oncentralion^^ concentrations of and Cl' 

chemical ^ . HCUwhich in the modern view, is almost com- 

symbol fl, we can write***. 

00814 g-ion/htre 

The and is denoted by A (or / with a sub- 

“ ndicatfng^he formula of the ion). Thus, in the present case : 

f rk.AOiA 


/„,=/c,-=-?^= 0-814 


01 


In general, we may write. 


f = - 

Ja c 


( 1 ) 


^ j T n M]Z£tskay3» Zhurnol Analit* Khini^^ 1» 94 

• I. V. Tananayev and • B. . Q^^^hlmizdat. 1954; or V.N. Alexeyev. 

•• V. N. Alexeyev. § 28, Goskhimizdat. 1958. 

Course of is the mean activity of the ions. It is equal 

••• This value of the activity tuuoi ; resoectively. 


to a 


"r: 'ac.iviti« or .he cation a„d anion respecllvely. 
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From this equation it follows that 

a=/aC (2) 

Therefore, the activity of an ion is the product of its concentration and the 
activity coefficient. 

As has already been stated, the concentration C for strong electrolytes 
is calculated on the assumption that they are almost completely dissociated 
in solution. By the modern theory of strong electrolytes,* the activity coeffi- 
cient is a measure of the influence of electrostatic attraction and repulsion 
forces between the ions on the behaviour of an ion in chemical reactions. 
If/j < 1, this means that the ion is restricted in its movements by intcrionic 
forces. In this case a < C. i.e.. the ions present (C g-ions/litre) act as if 
there were fewer of them {a g-ions/litre). If/u = 1, then a = C. This means 
that the ion acts in accordance with its concentration in solution. In the 
case of strong electrolytes this only occurs in very dilute solutions (C = 
■= 0 0001 M or less) where the interionic distances are so large that forces 
between the ions are of no practical significance.** In the same way, inter- 
ionic forces maybe disregarded for not very concentrated solutions of weak 
electrolytes, where only a small proportion of the molecules is dissociated 
into ions. For such solutions wc may assume that/, = 1 and a = C. 

In accordance with the activity concept, ion activities and not concentra- 
tions must be u.’ied in all equilibrium equations, such as the equations for the 
dissociation constant and the solubility product. Activity coefficients were 
initially introduced in science as empirical factors for extending the law 
of mass action to cases where it is not applicable in its usual form. Their 
physical meaning was not clear. It was subsequently elucidated by means 
of the theory of strong electrolytes, whereby values of /, could be calculat- 
ed. In general, such calculations are rather involved, because the formula 
used contains three constants. It becomes fairly simple only for calculations 
relating to very dilute solutions (for values of p not greater than O’ 1)*** : 

log/, = - 0'5r= (3) 

• r y/t 

Mere ; is the ionic charge, and // is the so-called ionic strength of the .solu- 
tion. This is a measure of the electrical field strength in the electrolyte, and 
is cakiilated from the formula: 








• V. N. Alexeyev. Qualirative .Annhsis. § 14. Goskhimizdat, 1954; or V. N. Alexeyev. 
( onrsc of Qualiianve Chemical .Scmimicrounalysis. § 14. Goskhimizdat, 1958. 

in conccntraicd solutions of strong electrolvtes. for reasons which cannot be con- 
sidcn-d here, the activity txwfficicnts may sometimes be greater than unity. 

**• ’ or values of ft not greater than 0-005 wc can use; 

log fa -0 5r-l p 
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r' r r are the molar concentrations and r,, z., ... are the 

litre is: 

^ =1 ( 0 - 1 X + 0-2 X 22 + 0*5 X 12 ) = 0*7 

Here 0-1 is the H- concentration, 0 2 is the Ca- - concentrat.on, and 
0*5 is the Cl concentraUon. rlectrolvte depend not onlv on its 

t = fs. r;!-: - •/ 

atki.n; » . M... « .t-™ -M- 


same, me vmuwc x,. i 

for practical purposes) are given m Table 3. 




Activity Coefficients 




Activity coefficient, 


Ionic 

strength 

Univolcnt 

Bivalent 

Trivalent 

Quadri* 

valent 


ions 

ions 

ions 

ions 

0001 

0005 

0-01 

005 

01 

096 

0-92 

0-90 

081 

0-78 

0-86 

0-72 

0-63 

0-44 

033 

073 

0-51 

0-39 

0-15 

0-08 

0-56 

0-30 

019 

0-04 

0-01 


In returning to the prolc^^^^^ 

solubility ^‘jte^^rolTo^ is constant in a 

=ed"roru\,o:;! or PbSO, this product is: 

u„,++uso.- = SPpsso. = constant (5) 


But, in accordance 


<3pb*+-+ “ 


with Equation (2) on p. 70: 

+ + )/pj,++ and flso. — ~ ISO 4 l/so 4 “" 


]/pb*^+/so.— = SPpbSO. 


We therefore have: 

[Pb^- + 1 [SO+ 

Hence the product of the ionic concentrations in a saturated PbSO^ 
solution is: 


1 [SO. - 1 ^ fZTo^ 
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The value of SPpi,so« equation is strictly constant, for any given 

temperature. As was pointed out earlier, the activity coefficients decrease 
with increase of the ionic strength of the solution. Evidently any strong 
electrolyte, such as NaN03, K.NO3, etc., should decrease the values of 
/pt,++ and /so,-“ when it is added to the solution. However, when 
the denominator of the fraction is decreased, the value of the whole fraction, 
and therefore the quantity equal to it — the product of the Pb"*"*" and SOi"" 
ion concentrations in the saturated solution — must increase. Since the 
molar concentration of the saturated solution is equal to the square root 
of this product, the solubility of PbSO^ (and other sparingly soluble salts) 
should increase on addition of any strong electrolyte to the solution (the 
salt effect). This may be illustrated by the following numerical example. 


Example I. By how much is the solubility of PbSOi greater in 01 M KNO 3 solution 
than in pure water at room temperature? 

Solution. To find the activity coefficients of the Pb"^"^ and SO«“" ions we must 
first calculate the ionic strength of the solution. The solution contains ions of two salts 
— KNO 3 and PbSO|. But the solubility of the latter salt is low, and its ions arc present 
in a very low concentration. Therefore, in calculation of the ionic strength ft we need 
consider only the concentrations and charges of the ions of the other salt, KNO3. There- 
fore 

[Nori i-) = 4-(O J-^oi) = oi 

In accordance with Table i, this ionic strength corresptinds to the following value for 
the activity coefficient of the bivalent ions; 


+ =/jio, — = 0-33 

We denote the required solubility of PbSO,. in moles per litre, by .r. Then 

[Pb ■ - ] = [SO, - ' 1 = .V 

[Pb- IISO,- l/j'b-^/so. .vMO-33)*P=: 2-2 • 10-* 

lienee 


.X 


12-2x10 '• 
6 33 


= 4-5 •, 10 -‘ A/ 


We now find the solubility of PbSO, in water. In this case the ionic strength of the 
scdution IS due entirely to the presence of lead sulphate. Since its solubility is of the order 

ol I • 10 -• A/, the activity coefficients in thiscasc can be taken as practiuilly eciual to 
unit), We can write: 


IPb- ) [SO,--] = .v:p::2-2 • lO'* 

I Icnco 


v PeJ ^2*2 10 P:' 1 5 • 10“^ Af 

‘.iMh’n O ' KNO 3 in 1 litre of solution 

effect) ^ ^ approximately 3 times its solubility in pure water (the salt 


This salt effect is produced by all sirong electrolytes, including electro- 
lyies having a common ion with the precipitate. In such a case, hoNvever. the 
salt cllect which raises the solubility should be accompanied by the common- 
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ion effect, which lowers it. As a result the solubility is usually lowered 
but not as much as is found by calculation from the simplified formu a 
for the solubility product (i.e., without the activity coefficients taken into 

“poTeiamDle in the preceding section we calculated the loss due to solu- 
bility of PbSOj’ when this salt is precipitated wnh a 50% excess (over the 
calculated quantity) of precipitant. We now perform a more exact calcula- 
“o^Jn which we wke into account the effect of excess precipitant on the 

activity coefficients of and SOj ions. 

r- / -> r-,\rnUie the loss due to solubility of PbSO, in precipiiauon of Pb^*- 
Example 2. Ca’calate the i^s a coefficients of the ions taken into account. 

with 50% excess of H-SO,. ® «ho\vs that when Pb'^'*' is precipitated with 

Suteion. Thceadier.^kutauo concentration in the solulion 

10 - M. SLmintthat « this dilution .he add is dissociated almost com- 
pletely into H+ and SO. -- ions, we can write: 

ISO " " ] = 0 01 g-ion/litre and [H ] — 0 02 g-ion/litre 

Disregarding the small quantity of ions entering the solution from the PbSO. precip- 
itate. we* calculate the ionic strength of the solution. 

ft =-L(0 02xP-!-0 0Ix2=) = 0 03 

. »k:c v-ilnc Therefore, the corresponding activity coefficients 

tZ “:“hVid9,^C7i'n^thr= of7"'h^ of ionic sueng.h from O-Ol 

to 003 (i.e., by 002) by proportion: 

o-ftd is to 019 as 0 02 is to x. 


and hence 


;c = 009 


Conseouendy = „.,a 

We denote the Pb/'*' ion comparison with 

wthTe excess Then from the equation 

[Pb'*' + ] [SO4"“]/pb^-^/s04 — =2-2x10 

we have: 

vvio-*(0-54)* =.2-2xl0-* 


and 

X <= 7 - 6 x 10 "* g-ion/litre 

If .11 the Ph + + ions remaining in solulion had been precipitated as PbSO^. 1 00 ml 
of l“would hav" given 7-lx lO- x303x0-I = 2-3 x lO- g of the salt. 

Therefore exact calculation, with activity coefficients of the ions taken 
into account, gives 0-00023 g for the loss due to solubility instead of the 
0-00007 g found by approximate calculation. 
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It follows from all that has been said about the salt effect that its influence 
on losses due to solubility increases with the amount of precipitant taken. 
With a very large excess of precipitant, especially if it contains multivalent 
ions, the salt effect may be greater than the common-ion effect and the solu- 
bility of the precipitate may be raised rather than lowered. Therefore, even 
when there is no reason to expect that the solubility of the precipitate may 
be influenced by its amphoteric character, formation of complexes and acid 
salts, etc., addition of more than a 50°o excess of precipitant is undesirable 
because the salt effect is excessively increased. However, precipitation is 
practically complete with a 50% excess of precipitant only if the solubility 
product of the precipitated (binary) compound is of the order of 10 
or less. Therefore, compounds with solubility products greater than 10 “* 
are not generally used as precipitated forms in gravimetric analysis. 

Evidently, the salt effect must be also taken into account in determination 
of a particular element in a solution containing large amounts of various 
extraneous strong electrolytes. This occurs in analysis of natural materials 
or industrial products, or when large amounts of various reagents (acids, 
alkalies, etc.) have to be added to the solution at different stages of analysis 
prior to precipitation. In such cases increase of the salt effect is one of the 
sources of error in gravimetric determinations. 

To obtain sufficiently accurate results in calculations based on the rule 
that the solubility product is constant it is necessary to take into account 
the activity coefficients of the ions. However, in practice the solutions being 
investigated very often contain several different ions in concentrations which 
arc not known exactly, and in such cases it is impossible to use activity 
coefficients. Therefore, in most cases these coefficients are conventionally 
assumed to be equal to unity, i.e., the calculations are performed with the 
simplified formula for the solubility product: 

SPptso. ^ tPb^ + ] [SO,--] 
etc. 

This simplification is quite admissible, because calculations based on the 
solubility product rule usually merely illustrate particular aspects of the 
theory. Qualitatively, such simplified calculations are nearly always in 
good agreement with experimental results. 

In the rare cases (as in the above discussion of the salt effect) when there 
is no .such agreement, the exact formula for the solubility product is used, 
With /, taken into account. 

§ 21. Effect of Temperature on Completeness of Precipitation 

As was shown earlier, the extent of precipitation is primarily determined 
by the value of the solubility product of the precipitate. However, this prod- 
uct remains constant only if the temperature is unchanged. If the temper- 
ature alters, the SP of the precipitate also changes. 



§21. Effect of Temperature on C ompletene ss of Precipitation 


/ .) 


cold (such as KHCjHjOe) redisso^ves o completeness of 

cases Xct of °'' 

precipitation. The etteci oi ici p precipitates are 

often has to be For example, the solubility of AgCl 

not dissolved complet y e solubilities of most other 

at 100»Cisnearly 25t.mesa htgh as a. 10 C 

^e ^hdtt^^ 

£ =rs i=“s .... 

i.e., heat is absorbed. By the Le Cl ^ ^ jj- is liberated when 

salts should 'decreases with rise of temperature, 

a salt dissolves, its i^.q another on rise of temperature. 

If one crystalline hydrate ts conv r, d^ 

i.e if the of temperature and the solubility »ould 

hydrates react differently to consider the solubility of calcium 

alter accordingly. f “^s',he aqueous solution is in equilibrium with 
sulphate. At room . 2 h , 0, the solubility of which increases 

a precipitate of the hydrate Ca 4 ^ hydrate loses part of its water 

■with temperature. However, at 60 y . CaSO, • '/• H.O. 

of crystallisation and ^ drale CaSO, • V. Hp is less soluble 

hTghlMem^eSu^^^^ and tWefore L solubility curve of calcium sulphate 

has a maximum at 60°C „ advantageous to 

It will be shown later (§§ 24 and ^ tnd^_^ 

effect precipitation with hea coagulation of colloidal particles 

or (in the case of whenever we deal with a precipitate the solu- 

in the precipitate, /onreciablv with temperature, wc must cool the 

bihly of which _^P?,.grinVoff the precipitate. This is done, for 

solution completely before f» ® ^ PbSO, CaC.O„etc. Converse- 

instance, with precipitates o and varies little with temper- 

ly, if the .solubility of a precip.^^^^^^ y 
ature, as in the case of re(U 

as hot increase can be suppressed sufficiently 

In a number of cases tii solution. It must be remembered. 

by the is^removed when the precipitate is washed, so that 

^hTsTbillly rise: rgat^at the end of this process. This may lead to appreci- 

able losses if hot water is used. 
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§ 22. Effect of Hydrogen Ion Concentration (pH) 
on Completeness of Precipitation 


One of the most important factors influencing the degree of precipitation 
is the H"*" ion concentration, i.c., the solution pH.* Let us consider the in- 
fluence of this factor in some individual cases. 

Precipitation of Sparingly Soluble Metal Hydroxides. In this case the pre- 
cipitating ion is OH“. Its concentration is related to the H ion concen- 
tration as follows: 


(H + ] [OH-] = Kiuo= 10-1^ (at 22®C)** (1) 


This equation shows that the OH“ ion concentration falls with increase 
of H ~ ion concentration, i.e., with decrease of solution pH. However, 
the OH " ion concentration determines whether a given hydroxide is precip- 
itated. and the extent of the precipitation. Evidently, the greater the solu- 
bility product of the hydroxide, the higher is the OH” ion concentration 
required for complete precipitation, i.e., the higher the pH at which the pre- 
cipitation must be performed. 

The pH required for complete precipitation of any hydroxide is easy 
to calculate from its solubility product. 

Let us perform this calculation for magnesium hydroxide. In this case we 
have: 

[Mg^M [OH”p = SP.M,(on',= 5x]0->- 

and hence 



SP.Mgt oint 

IMg->] 



Since weighing on an analytical balance can be performed to a precision 
of about 10 * g. and the average gram-molecular weight of various precipi- 
tates can be taken as 100 g. it may be assumed that the precipitation of any 
substance is practically complete if its molar concentration in solution at 
the end of precipitation is 10”^:100 = 10~® M. This must therefore be the 
concentration of Mg^ ions at the end of precipitation. Accordingly, wc 
have from Equation (2): 




2x10' ^ g-ion litre 


It will be remernberej that the hydrogen ion exponent pH is the logarithm of the 
H ■ ion concentration, with the sign reversed: 

rH==— log [H + J 

Similarly, the hydroxyl ion exponent pOH =— log [OH ‘ }. 

•• Taking logarithms in I-.quation H) and rcN'crsing the signs, vve have: 

pH - pOH = 14 (at 22'C) 

In neutral solutions pH - 7, in acid solutions pH < 7, and in alkaline solutions 

''^lue decreases with increasing acidity and increases with increasing 
alkalinity. This is discussed more fully in § 58. 
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Therefore, 


pOH = — log 2x 10 = — (0*3— 3) - 2-7 

pH = 14-pOH = 14-2-7 = 11*3 


Mg++ ion concentration becomes 

at pH -=11-3 the P''«'Pf ^P'\o,°ble ferric hydroxide Fe(OH), 
A similar calculation for the muc nracticallv complete at pH 

(SP = 3-8 X 10 -») shows that prec,p^ 

> 3-5. Although, of course, such solubility products 

coefficients ofthe ions are not taken jn they nevertheless provide a 

of hydroxides are not . solution pH^in precipitation of hy- 

good illustration of the . imoortant practical conclusions. For 

droxides, and lead to a valued for Mg(OH). and Fe(OH )3 precip- 

example, a comparison of the pH • oossible to separate 

vr Ur Fe'^ - tonVTt^^^^^^ 

------ 

on qualitative analysis. . vv^ak Acids. The pH is no 

Precipitation of daringly soluble salts of weak acids; 

less important in precipitation P . sulphides, etc. In such cases 
for example, carbonates, oxalates acids: CO,- 

the pr_ecip.tant_io_ns are amons n,eet H - ions in 

CiOf , PO 4 , s . .on,hine with them to form, first the anions 

HCO3", J pq' and H.S, as both the latter anions 

molecules of H.CO^, ^cndScy to dissociation. It follows that the 

and the molecules have a loss jcnucncy _ _ ^ q _ _ pQ , 

concentrations of anions on the H-*^ ion concentration, 

etc., in solution must J j decrease of solution pH. 

^=:^i™:::r;S^m:L‘rSm^e:hefh. such s.. are precipi- 
tated and the deg-e of precipitation.^ . 

As m J.h'' sparingly soluble salt of a weak acid depends primarily 

precipitation of any ^ solubility product is small, a low 

on the -■“b. hy product of ^ 

concentration o P rr^mnletelv in a stroncly acid medium, i-c., 

at^ 7 oVrH^alue'’ToTrm'pn. in quTlifat'lve analysis that the 

at a low pH valu . IV and V the solubility products of which 

sulphides of canons Jji , relatively acid 

tlTn, at"pH = b 5 OnZ; otLr han'll, the solution must be neutral 
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or alkaline (pH ^ 7) for precipitation of Group III sulphides, which have 


solubility products in the 10 “*®* 10 “‘® range. 

In addition to SP, the dissociation constant of the weak acid is significant. 
The smaller this constant, the more completely do the precipitant ions 
combine with H ions and the higher is the pH needed for practically com- 
plete precipitation of the salt. For example, carbonic acid {K.^ = 4*3x 10"’; 
K., = 5-6 X 10 “) is much weaker than oxalic acid, HX .,04 (Kj — 5-9 x 
• 10 K., = 6-5 X 10“®); therefore Ca" * should be precipitated as CaCOg 

at a much higher pH value than in precipitation as CaCX,, although their 
solubility products are of the same order of magnitude (4-8 x 10 for CaCOj 
and 2'6x 10 for CaCoO,,). This can be easily confirmed by calculations 
similar to those given above for hydroxides. The calculations are somewhat 
complicated by the fact that the precipitated compounds arc salts of dibasic 
acids. In accordance with the stepwise dissociation of these acids, the recom- 
bination of their anions with H also occurs in stages; for example: 


co: 


rH + - HCOr (K. = 5-6x10 


HCO^-t-H - i;: H.COa] (A'l = 4-3 ■ 10 ') 

Since the dissociation constant of the HCO 3 “ ion is considerably smaller 
than that of the acid HXO 3 itself, the greater proportion of the CO.-,' 
10 ns introduced with the excess reagent is convened into HCOa" ions, 
and usually only a small proportion of the latter is converted further into 
undissociated H XO 3 molecules. This proportion can be estimated from the 
equation 

lH-j|HCO, 1 
‘ '■ (H,CO,l 


or 


IH] 


IHCOj 1 

in.cod 


(3) 


Iquation (3) shows that when A, • [H ] the HCO;, ion concentration 
must be very much higher than the concentration of undissociated HXO.-, 
n,i>lccules, (n this case the formaium of HjCO^ molecules may be disre- 
eaided without any apprcciabie error; i.e.. it may he assumed that 


[CO, ] [HCO, - ] C 


(4) 


\vliere C is the total concentration of the precipitant in solution at the end 
• '1 the precipitation. 

riieielorc. problems «>! this kind may bo sohed by the follow ing procedure. 
1 I'l. we use the equation lor K. of the acid and bqualion (4) and find the 
[H ] and pH of the soluiion. We then substitute the value found for [H ' ] 
into l:.quation (3) and clieck the assumption that formation of HXO 
molecules may be disregarded. If it is found that A, - H , the value found 
tor ilie pH may be taken as correct. 


3 
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The foregoing is illustrated by the following numerical examples. 

. , IT- ^ at which Ca+^ is precipitated practically completely as 

Cara "'^1 a sX.ion Wng 0 0. g-equiv. (U., 0^005 g-ion)^f Ca - ^ .f 50-.. excess 

of Preciptant is used and^he .o.a^ p,, U,,,. The 

is : rru „ uT ^ io 7 ^ 3 rot ? hK : Th ; 

for example, (NHil-CO,. mole^in 100 ml. Calculated as moles per lure, this is 

SKS fS; 'Howeve:':: rt.i.y some are converted into HCO. ^ anions and some 

“‘°Dirriga°Jin":<io" of H-rO, molecules, we can writei 

(CO3-“1+[HCO3-1 j=« 2-5 x 10 * g-ion/htre 
For pracicallv complete precipita.ion of Ca+3- ,he concentration of CO. - ' tons 
must not be less than: 


[C03'-] = 


SPc aCO» 

[Ca + 1 


4-8 X 10 * _ .i.fl y in -3 g-ion/litre 
10 -® 


L I for fCO, — 1 into the above equation, wc have 

Substituting the value found for ICOj J 

1HCO.-1 = 2'5x10-'-4-8x10-= = 2x 10 ■ g-.on/htre 

^ f ihg» ro - ■ and HCOj" ions, we find the required 

Knowing the ‘eQuation for the second-suge dissociation consunt 

[H+ ) ion concentration from the equation lu 

of H2CO3; 


K. =» 


[H'*'llCO.i ~1 ^ 5.g X 10 " 
[HCO,-] 


S6xl0-‘'tHCO3"l _ 5-6xl0-»‘x2xl0-| ^ a-SxlO-"* g-lon/litre 

■^1= [coT^^i 


4 8x10 


Wc then have: 

[H 

Consequently: 

• nf CaCO-1 the medium must be alkaline, at pH ” • 

m :;ow%tok of undissociated H.CO. molecules could be dis- 


pH = -log 2-3xIO-'» = -(0-4-10) = 9-6 


regarded : 


[H-") 


[H COa'l 

■[H.C031 


or 


4 - 3 x 10"’ 
2-3 xlO"*" 


IHCOg") 

IHjCOj] 


J=55 


2,000 


u Ihe HCO, - ion concentration is approximately 2,000 times the 

Thus, a. the given pH ^he HCO. permissible to disregard for- 

concentration of HjCOi moiwvui 

2.^ S^We'^hi'^roblem analogous to that given in Example 1. for precipitation 

of Ca"^"^ as 5^^*^ln,ration of precipitant at the end of the precipitation is. as before. 
2.5 ?!o-"m T^eXe^r^^^^^^ of H^C^O. molecules, we may write: 

[C-O, " ! + IHCjOa " 1 f« 2-5 X 10 g-ion/litre 
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The condition for practically complete precipitation is: 

[CtO« ~ ~ I = ^ =2-6xl0-» g-ion/litre 

Consequently 

[HCjO*”] = 2‘5xl0“* — 2*6 X 10"* *= 2-2x10"* g-ion/litre 

Therefore 


tH + ] 

and 


Xt [HC.O,-] 

[CtOr~] 


6-4 X 10 -«X 2-2x10'* 
2-6 x 10 "* 


5 X 10 "* 


g-ion/litre 


pH = — logSxlO"* = — (0-7 — 4) = 3-3 

Therefore, CaC504 is completely precipitated even in a moderately acid medium (at 
pH 3-3). This result is fully justified in practice; CaCjOi is usually precipitated at 
pH 4. 

We check our result; 


[HCXOn _ 5-9X10-* 

[H + ] IHjCjO.] ” 5x10-* 

Here again the solution can be regarded as sufficiently accurate, since at pH = 3-3 
the concentration of HC,Oj " anions is approximately 100 times the concentration of 
undissociaied H2C.O4 molecules. 


The above calculations demonstrate the significance of the dissociation 
constants of the weak acid a salt of which is precipitated. The smaller the 
dissociation constants, i.e., the weaker the acid, the higher is the pH required 
for practically complete precipitation of the salt. The calculations also show 
that an acceptable result can often be obtained relatively simply, with for- 
mation of undissociated molecules of the weak acid disregarded. However, 
this simplification is not possible in every instance. The following examples 
illustrate the procedure when it is not possible. 


Example 3. Find the pH for practically complete precipitation of Fe + + ions by 
hydrogen sulphide. The conditions are the same as in the preceding e.xamples. 

Sohiiion. As lx:fore. we take the excess of precipitant to be 2-5 x 10 "* ,\f. If we cal- 
culate the required (H"^] ion concentration as described above, from SPfc« = 3-7 x 

^.2 7 3": sulphide AT, =5-7x10-* and if, = 

~o ^ _« '• ^'^'’fsarding the formation of undissociated molecules H.3 we have [H ■'"I = 

- 8 X 10 g-ion/litrc and pH = 4-1. However, we must check whether formation of H-S 
molecules may be disregarded: 


[HS-l 

IH2S] 


JK'I 

IH + ] 


5-7x10-* 

8x10-* 


7x10-* = 0 0007 


This means that many more H.S molecules than HS" ions arc formed, and it was 
not^rmissiblc to disregard the formation of these molecules. Conversely, the formation 
ot HS ions could be disregarded. In that case we have: 

rS--]+ [H.S] = 2-5x10-= 

But [S “ “ ] is much less than 2-5 x 10 -= : 


IS'-1 = ; 


SPFe 


s 


(Fe++1 


3-7xl0-'» 
10 -‘ 


= 3-7 X 10 ‘* g-ion/litre 
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Therefore 

($--] -r [H-.S)!= 5 J [H.S] =2-5x 10-= g-ion/litre 
From the values found for (S “ ' ] and (H,S] and from the equation 


IH,S] 


= A'lA'j = 6-8x 10-=3 


we have 


(H+] = 


/ 6-8 X 10 x2-5 • 10 ^ , 1 ^ -6 g-ion/Iitre 


3-7x10-*^ 


and 


pH=— log 21 xlO-« = — (0-3 — 6-0) = 5-7 


Since this p*H value is very different from the value found pre^viously. it is advisable 
to check again whether formation of HS ions may be disregarded. 


(HS-l 

lH,S] 


A, 
(H") 


0-027 


" 2-1 X I0-« 

Since at pH = 5-7 the [HS - I concentration is again considerably less than the H.S 

ssri ro. 

riking-ita Vxc«s of procipi.nn. .0 bo 2 5 x 10 - M. and disregarding form- 
ation of undissociated H.S molecules, vse have 

[S-'l - [HS") = 2-5xlO-» 

From this we find by the same method as before, that [H ] = 2-1 x 10 and pH - 
“ W?now check whe.her formation of undiss.Kia.cd H,S molecules could be disregarded i 

[H,S] _ (HM 

IHS’-] X 

j, nnt nermissible to disregard formation of undissociated H.S 
Therefore, here again it is not permissioi . ^ disregard form- 

“Tu folloi! rTolThe eguaUon g^en above that [H^S 1 = 0 37 [HS - We can there- 
fore write: 


2 -=0-37 

5-7x 10"’ 


IS--I -f [H.S ] -H [HS - ] = [S - - ] + IHS - ] + 0-37 [HS - 1 = 2-5 x 10 - 


where 


SP>jnS 1 4x 10“'* ^ i.4xl0-» g-ion/litre 


[S - - ] = 


10 -• 




= 1-5X10-* 


(Mn-' • ) 

0 17 fHC-1 = 2-5x10-* and [HS “1* 1-8 x 10 '* g-ion/litre. 

SubsUtuting iJiif viluc into the equation for K, of hydrogen sulphide we find as a 
second approximation: 

A,[HS-J . l-2xl0“'*xl-8xl0“* 

pH = 7-8 

2 It is also nossiblc to perform a more exact calculation without any simplifying as- 
sumpUons For Srwc f^^ [S"!. which is in this instance 1-4x10-. g-ion/I.trc, 

6 - 6001 
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and express [HS " 1 and [H,S ) in tenns of this value and of the required [H 1 ion 
concentration: 




K. 


l-2xl0-‘* 


IH^S)^ 


^ [H-^3M 4x 102> ^ + 


( 1 ) 


( 2 ) 


KiK, ~~ 6-8X10-” 

Putting the values found for [S " " [HS “ ], and [HjS ) in the equation 

IS--] 4- [HS-]+ [H:S] = 2-5x10-* 

we have: 

1 4 X 10 -»+ 1-17 x 10‘ [H+ ] +206 x 10'* [H+ ]* = 2-5 x 10 “* 

After rearranging and dividing every term in the equation by 2■06xl0*^ the coeffi- 
cient of [H ]*, we obtain the following quadratic equation: 

[H + P + 5-68 x 10 -* [H + 1 + 1-21 x 10-'* = 0 

Solving this equation, we have 


(3) 


[H^ J = — 2 84x 10“*+ K810xl0-‘*+ 1 21 xlO”'® = l-65xl0-* g-ioo/litre 


and 


pH = 7-78 


Thus, the more exact calculation gave almost the same result as the approximate 
calculation, with formation of H;S taken into account. 


Of course, even here all the calculated results are only approximate, as 
the activity coefficients of the ions are not taken into account. Moreover, 
the solubility products of some salts are not known with sufTicient accuracy. 
Nevertiteless, the pH values are of the right order, and therefore such calcu- 
lations are useful in analytical practice. It must be remembered that the 
calculations giveonlythe lowest pH values for practically complete precipita- 
tion. At higher pH values it is usually (although not always) even more com- 
plete. 

Precipitation of Sparingly Soluble Salts of Strong Acids. Sparingly soluble 
salts of strong monobasic acids, such as AgCl, AgBr, Agl, etc., are precip- 
itated by the corresponding anions, namely, CI“, Br", I“, etc. These ani- 
ons evidently do not combine with H ions, because HCl, HBr, HI, etc., 
are strong acids and are almost completely dissociated in aqueous solution. 
Therefore, the degree of precipitation of sparingly soluble salts of these acids 
(in contrast to salts of weak acids) is almost independent of the solution 
pH. If the influence of excess acid in solution must be taken into account 
in such cases, this is only because in presence of excess acid the salt effect in- 
creases, or in some cases complexes aie formed from the salt cations and 
acid anions; for example, 

AgCl-fHCl = H[AgCl,] 

I 

and the solubility of the salt (AgCl) therefore increases. 

The situation is somewhat different in precipitation of sparingly soluble 
sulphates, as the dissociation of HnSO^ is almost complete only at the first 


§ 23. Effect of Complex Formation 


83 


stage, with formation of H + and HSO, “ ions. The second stage of disso- 

ciatioD ,, . , 

HSO 4 - = H + +SO 4 

proceeds to a very considerable extent, since K., has a high value ( 1 - 2 x 10 -=), 
C not to completion. It follows that, if the SP of the precipitate .s not too 
small and the H + ion concentration is high enough, these ions may combine 

^th SO " ■ 

wnnot be ignored in precipitation of sulphates. Precipitation of sparingly 
soluwl sulphates should be less complete in acid solutions than in neutral 

rr.x's.so?( " 

^“d^PbSO "(SP The solubility is increased noticeably by 

H " ion!°t n^n-the cie of (he least soluble sulphate, BaSO, (SP = 1 ' 1 x 
X 10 ° "h Data on the solubility of BaSO. in HNO 3 solutions are given below . 


HNO3 concentration (M) 0-05 

Solubility of BaSO* (millimoles 
per litre) at 19°C O ^ 

Ditto, at lOO'C 


01 0'5 1-0 20 

1-2 3-9 7-7 11-9 

_ 26-5 41-6 — 


excess precipitant. 

8 23 Effect of Complex Formation on Completeness of Precipitation. 

^ ' Masking 

It was shown above that the infiuence of pH on precipitation of 
solubie electrolyte^ depends on the deemas^ in t e concentra.ion^o . 

^"alCartrsXbdi^;;"^ rcuired precipitate is not reached, 
'’^Htw«:rth::;uThoX thetlubiUty product contains the concentra 

“"“TVrof 

ot a low aeg prevent it entirely. For this the product of the 

respe"ct‘ive !^n concentrations in solution must be less than the solubility 

*>’ comW'™? it i" “ comp/e v 

of a low degree of dissociation is known as masking. Masking is nidely use 

in qualitative analysis in cases where the detection 


6 * - 
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of a particular ion has to be performed in presence of ions interfering with 
the reaction. If such ions are combined in complexes, their concentration can 
be reduced to a level at which they no longer interfere with detection of the 
ion in question. For example, when Co*"^ is detected as the complex 
thiocyanate [Co(CNS),]““ the solution must be free from Fe ^ 
ions, which give an intensely coloured compound W'ith CNS“ions. There- 
fore, if Fe ^ + ions are present, NH ,F (or NaF) is added to form the stable 
complex FeFf,. It is also possible to remove Fc*" ■*" ions by addition of 
tartaric or citric acids, which form fairly stable complexes (i.e., of a low 
degree of dissociation) with ions. 

Similar masking of interfering ions is widely used in quantitative analysis. 
For example, as Ni ^ is precipitated with dimethylglyoxime in an alkaline 
medium. Fc+ ions interfere with determination of nickel, as they form 
a precipitate of Fc(OH )3 under these conditions. To avoid formation 
of this hydroxide, the precipitation is performed in presence of a sufficient 
quantity of tartaric acid. Tartaric (or excess oxalic) acid is also added for 
masking Fc'*’“ ' in determination of Ca * etc. 

Evidently, masking achieves the same aim as precipitation of the inter- 
fering ion in the form of an insoluble compound : the concentration of that 
ion is lowered to such an extent that it is not precipitated by the given re- 
agent and therefore does not interfere with the determination. However, 
masking achieves this aim much more easily and quickly, as it is not neces- 
sary to filler the solution and wash the precipitate: all that is needed is to 
add the appropriate “masking agent”, such as NaF, tartaric acid, etc. 
Let us now consider what factors determine the possibility of masking 
any particular ion. First, we must note the influence of the same two factors 
as were considered in the effect of pH on the completeness of precipitation; 
namely, the solubility product of the precipitated compound and the disso- 
ciation constants of the reaction product, i.e., of the complex ion formed. 

It is obvious that the greater the solubility product of the compound the 
precipitation of w’hich we want to prevent, the easier it is to do so, because 
the concentration of the ion combined in the complex needs to be reduced 
to a lesser extent before the solubility product becomes unattainable. 
Conver.sely, if the solubility of the unwanted precipitate is very low. the con- 
centration of the corresponding ion must be very greatly reduced. 

On the other hand, the extent to which the concentration of a particular 
ion is reduced by addition of any masking agent depends on the degree of 
dissociation of the complex ion formed. The dissociation of a complex 
may be characterised by its instability constant (A'jnst.). For example, 
the complex ions (AgCNH^)^] and [Ag(CN)^) , which dissociate as 
follows 

[AglNH^j)-]"^ - Ag-^-H2NH3 


[Ag(CN),l - Ag + +2CN - 
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have the following instability constants: 




_ (Ag^l (NHa),- = 6-8 X 10-8 


inst. - (AgtNHa).^! 




nst 


_ |A g-^]|CN 1 - ^ 1 X 10 
" lAg(CN);l- 


_ <> 


21 


^ f in<nbilitv constants of the two complexes shows that 

Compamon of of a silver salt is lowered much 

theconcentratonof Ag ammonia under the same 

more by addition of po . of KCN is much greater than 

Lf.tlH7o7T“e''sa''uf Toother saUs, ..e,, A,Br. Ag., and Ag.S, 
are precip, rated even in e°rLc."o7 excess of masking agent should 

. f f V°h77igh:H 7: cVntmh^^^^ the lower is the degrec 

be noted. The '’'SJt" its therefore the lower is the resul ant 

of dissociation of the compie , examole calculation shows that, 

concentration of the combine ^ equation is used. 

if the amount of KCN P Mitinn of K1 It is only because in fact 

Agl should be Pt^ipnnt^d by add . on of Kl^l. is^o 

KCN is always added in some exce^^^^^ niasking. as in precipitation. 

Finally, the the ligands in a given complex ion are mole- 

This applies to all cases whe ions These include ammonia 

cules or ions -pable of combining w.th^H^ A " ion^rnd anions of weak 

molecules, '.artaric citric, dimethylglyoxime, etc. In all 

acids such as ^ ^ ion concentration, i.e., decrease of solution 

these cases increase of 8 complex and makes masking of the cor- 
pH, leads to decomposition example if an ammoniacal solution 

7orainin1 the 'c°om;"rs-,lt [AgfNHJ.lCl ti acidified, the complex ion 

is decomposed by the reaction 

lAg(NH,)J + +2H + 7- Ag + +2NH3- 

is ““^ded and Uie sal^ p,^^^p yue solutions ol 

detection of Ag and ammonia, tartaric acid, or glycerol are acid.- 

complex salts ol copp reolaced bv the pale blue colour due to 

fied the f ^',T/sCs that he decomposed by the 

Sion o7 h " iom It is tUrefore evident that in ail these eases the pH 

must be sufficiently high to ensure masking. 
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It has already been pointed out that masking of interfering ions makes 
analysis very much easier, because it is not necessary to remove them by 
precipitation, which takes much labour and time. However, complex for- 
mation may also cause difficulties in analysis. Such is the case, for instance, 
if the solution contains any substances or ions which can form complexes 
with the ion which is being determined, and thus prevent its precipitation. 
Many organic substances containing hydroxyl or carboxyl groups in their 
molecules, such as certain organic acids (oxalic, tartaric, citric, etc.), various 
sugars, and so on, are of this type. If such substances are present in the solu- 
tion, they must be removed by oxidation to CO^ and H .O. Another instance 

of the adverse effect of complex formation 
on gravimetric determinations has already 
been given (p. 67). This is increase of solu- 
bility of the precipitated compound as the 
result of complex formation with excess 
precipitant ion. In some cases this effect is 
very pronounced. For example, Fig. 13 shows 
that in precipitation of Hgh the solubility 
of the precipitate increases on addition of 
the slightest excess of precipitant. Because 
of this, Hgl^ cannot be used in gravimetric 
analysis. The same figure shows a curve 
representing changes in the solubility of 
BaS 04 in presence of excess precipitant. In 
this case no complexes are formed and the 
solubility of BaSO, decreases in accordance 
with the solubility product rule. In most 
cases found in practice these curves are of 
the form represented by the dash line in Fig. 13. For most precipitates 
the solubility first decreases in presence of excess precipitant (although less 
than is indicated by the solubility product rule in its simplified form): it then 
reaches a mininuim and begins to increase again owing to complex forma- 
tion. the salt effect, and other causes.* The empirical rule according to 
which a precipitant is added in excess is based on this course of the 
curve. However, the example of Hgl, shows that it is not always applicable. 

§ 24. Amorphous and Crystalline Precipitates 

Care must be taken even in qualitative analysis to conduct precipitation 
under definite conditions. For example. Group III cations are precipitated 
with ammonium sulphide in presence of an ammonium salt and on heating, 
in order to avoid formation of colloidal solutions of sulphides (and hydro- 
xides). In the same way, when Ba+ ^ is separated from Sr ^ and Ca ^ 

• See. for example, the d.iia on the solubility of AgCI in NaCl solutions (p. 68). 



Fi^. 13. Effect of excess 
precipitant on the solubility of 
precipitates 
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, u i-n^fTCCrO the precipitation is performed in a hot solution 

by the action dropwL; otherwise the BaCrO, crystals may 

and the P'f through the pores of the filter. The precipitant 

s.srr.5UK,s; r,:?-- 

sXsta"nce°i “inadmilsible. Therefore we must consider this question in 
some detail. ^frtr.»rinitate formation. It is undoubtedly 

would suggest. 

For example, the equation 

Ba ^ ^ +SO^ “ = ^ BaSOj 

U * n th.t i<; nocessarv for formation of barium sulphate is that 
suggests that ah that is _ _ solution. But, of course, this 

two ions, Ba and ' . of crystals, and a crystal lattice 

is not so. BaSO., is precipi a ^ 5m ^ fairly large number 

cannot be built out of two ions. Th > correct 

of these ions niust ration in space. Of course, the crystals 

proportions and m the ng ,up relatively large crystals, consisting ot 

formed in the first mstant are no 

enormous numbers of ion , , of a size characteristic of colloidal 

List grow - -;-^-:/’L:::^,;°.::Llh^entways,lnaccord- 

an«LtMheLlvidualproper^^^^^^^ 

stance being precipitate artded the substance separates out of the 

As the precipitant is “ ^ g^^facesof the crystal nuclei previously 

supersaturated ^ _ that eventually a crystalline precipitate 

formed. r^rprmitation when the solubility of the precipi- 

Jt ;v,r r." Sw” “ ”” " 

addition of suitable reagents as acids. ^ ^ 

The /»™“''7,;’47f77ch portion °f precipitant causes rapid formation 
of ‘an'Lo'rmLs number of very minute crystal nuclei in the liquid; these 


. It will be remembered that Im/i (millimicroo) is 10- 


mm. 
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grow not by deposition of the substance on their surfaces but by joining 
to form larger aggregates which sink by gravity to the bottom of the vessel. 
In other words, in this case coagulation of an initially formed colloidal solu- 
tion takes place. Amorphous precipitates formed in this way have an enor- 
mous total surface area and therefore adsorb various extraneous substances 
from solution much more than crystalline precipitates do. On the other hand, 
since the bonds between the individual crystal nuclei in the aggregates are 
relatively weak, the aggregates may break up again to give a colloidal solu- 
tion. 

It follows that it is not quite correct to describe such precipitates as amor- 
phous. It would be more accurate to call them “cryptocrystalline’*, since they 
consist of crystals, although these are extremely minute. In fact, the existence 
of crystal lattices in amorphous precipitates can in most cases be proved 
experimentally by X-ray investigation, and sometimes by means of the micro- 
scope. 

Substances of very low solubility form amorphous precipitates especially 
readily. These include metal sulphides and hydroxides, silicic acid, etc. 
Because of the very low solubility, the solubility product is greatly exceeded 
by addition of even small amounts of precipitant, and this favours the rapid 
formation of numerous crystal nuclei. Conversely, with precipitates of high- 
er solubility the solubility product is not exceeded as much. This favours 
formation of a supersaturated solution and leads, as we showed earlier, to 
deposition of a crystalline precipitate. 

The type of precipitate formed depends not only on the individual 
properties of the substance but also on the precipitation conditions. For 
example, BaSO, is precipitated in crystalline form out of dilute aqueous 
solutions, However, if it is precipitated out of a mixture of water with 30- 
00",, of alcohol, which greatly reduces the solubility of barium sulphate, 
a colloidal solution or an amorphous precipitate is formed. On the other 
hand, by precipitating sulphides in presence of pxridinc (C5H5N). E. A 
Ostroumov obtained some (d' them in crystalline form. These investigations 
proved experimentally that any substance can be obtained cither as a crys- 
Udline or as an amorphous precipitate. However, the precipitation of one 
id these lorms usually involves conditions which are unacceptable in quan- 
titative detertninaiions. Iherefore. in accordance with the individual prop- 
cities of the compounds lormeil. some are obtaineil in analysis as crystal- 
line atid others as amorphous piecipitales. The analyst's task is to provide 
co-nditimis in which tlie precipitate is ilie most suitable for the subsequent 
I’eatments of filtration and washing. 

I lie optimum precipitation conditions for amorphous and crystalline 
[■>1 ocipitates respectively are very diftcrent. W'e shall first consider the con- 
ditions lor formation of c^y,^talhne precipitates.* 


• Ihc theory of this pr.Kcss was lirsi worked out at the end of the 18 lh century 
ihc Russian sciciuisl Y. t. Ldwii/. 
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§ 25. Conditions for Formation of Crystalline Precipitates 

As has already been pointed out, many crystalline precipitates (such as 
BaCrO^, BaSO„ CaCP^, etc.) are sometimes so fine that their particles 
pass through the filter pores and a turbid filtrate is obtained. Often this 
turbidity cannot be removed even by repeated filtration through the same 
filter. In order to prevent passage of the precipitate through the filler and 
to avoid the attendant losses, it is necessary to create such conditions that 
the crystals in the precipitate are sufficiently large. 

This is also convenient in other respects; such precipitates settle rapidly, 
do not clog the filter pores and, being of small surface area, adsorb extra- 
neous substances from solution to a lesser extent than microcryslalline and 
especially amorphous precipitates. 

What are the conditions favouring deposition of coarse-grained 
crystalline precipitates? 

This question is not difficult to answer in the light of what has been said 
in § 24 about the formation mechanism of crystalline precipitates. Evidently 
the precipitation must be performed in such a manner that the supersaiuration 
of the solution with re.spect to the precipitated compound is kept as low as 
possible, i.e., so that its solubility product is not exceeded too much. Consid- 
erable supersaturation of the solution favours rapid formation of numerous 
new crystal nuclei; naturally, these cannot grow sufficiently before the end 
of the precipitation. Conversely, in precipitation from a slightly supersatu- 
rated solution few new crystal nuclei are formed by addition of each portion 
of precipitant, but on the other hand most of the substance is deposited on 
the surfaces of the crystal nuclei formed earlier. As a result, a relatively 

coarsely crystalline precipitate is formed. 

To keep the supersaturation of the solution during precipitation as low 

as possible it is necessary: 

(1) to perform the precipitation from fairly dilute solution, with a dilute 

solution of precipitant; . 

(2) to add the precipitant very slowly, drop by drop (especially at the start 

of precipitation); 

(3) to stir the solution continuously with a glass rod in order to avoid 
high local supersaturations as the precipitant is added. 

It will be shown later that in formation of crystalline precipitates slow 
addition of the precipitant is also necessary in order to reduce, as much as 
possible, contamination of the precipitates with extraneous impurities 
(p. 100). 

Clearly, the degree of supersaturation depends not only on the concen- 
tration of the ions of the precipitated compound, but also on its solubility. 
The higher the solubility, the less must the degree of supersaiuration be 
under given conditions. In formation of crystalline precipitates it is therefore 
advantageous to raise the solubility of the precipitate during the operation. 

Of course, at the end of precipitation this higher solubility must be lowered 
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again by addition of excess precipitant or by some other means, as other- 
wise the precipitation would be incomplete. 

Consequently, formation of coarse-grained crystalline precipitates is also 
favoured by: 

(4) precipitation from hot solution by a hot solution of precipitant, as 
the solubility of most precipitates rises with temperature; 

(5) addition of substances which raise the solubility of the precipitate; 
for example, in precipitation of barium sulphate HNOj is added, because 
it raises (see p. 83) the solubility of BaS 04 by formation of HSO, “ ions. 
Towards the end of precipitation this raised solubility of BaSO, is lowered 
again by the addition of a moderate excess of precipitant. 

With the same aim in view Ca is precipitated as CaC^O, • H,0 from 
acid and not neutral solution, as calcium oxalate is a sparingly soluble salt 
of a relatively weak acid and therefore it is considerably more soluble in an 
acid medium than in water. This makes conditions favourable for formation 


of relatively large crystals, but at the same time the precipitation becomes 
incomplete. 

For practically complete precipitation of Ca ^ " ions it is evidently neces- 
sary to lower the acidity of the solution towards the end of precipitation 
to pH 2 s 3-3 (p. 80) by dropwise addition of NH,OH solution. As the acid 
is neutralised the solubility of CaC^O, gradually decreases and fresh 
amounts of it are precipitated. However, if the ammonia is added 
slowly this occurs mainly by growth of crystals already formed. 

In conformity with theoretical considerations, experience shows that 
CaCX)., -HjO precipitated in this way is easy to filter off, whereas if it 
is precipitated from neutral or alkaline solution It can pass very easily through 
the filter pores. 


In formation ot crystalline precipitates, quite often the precipitation of the 
substance Irom supersaturated solution takes a considerable time. Moreover, 


the analyst s aim — to obtain a sufficiently coarse-grained precipitate — is 
only partially achie\ed under all the precipitation conditions listed above, 
as in addition to the large crystals a certain amount of very fine crystals is 
usually formed, and these can subsequently pass through the filter pores. 
I herefore. in most cases the precipitate tnusi he Ic/t to stand for several hours 
(iLsually overnight) after addition of the precipitant. When left to stand, 
precipitates undergo the so-called ripening or ageing, accompanied by par- 
ticle growth. The cause of this grow'ih is the higher solubility of very fine 
crystals oj a substance in comparison with larger crystals under the same 
conditions. For example, it was found experimentally that the solubility 
of the smallest BaSO, crystals (0'04 n in diameter) is almost 1,000 limes 
ilie solubility ol large crystals at the same temperature.* This increase of 


• it Kdlt'us fri)m this that the pjriiclc si/c of a precipitate also affects its solubility 
pniduct. A coarsc-grainL'd prtvipiiate always has a lower SP than a micri>cr>'Stallinc 
precipitate of the same substance at the same temperature. The characteristic constant 
of a gocn substance is taken to be the product of the activities of the ions of the sparingly 
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As a result, it becomes supersaturated with respect to 
the large crystals and the dissolved substance is depos- 
ited on the latter. In consequence, the 
becomes unsaturated with respect to the small crys- 
tals which continue to dissolve, and so on. 

The course of all 

maticallv in Fig. 14, is evidently associated with 
diffusion of the dissolved substance from the snriall 
to the large crystals. However, diffusion is very slow 

at room temperature. Rise of temperature increases 
the rate of diffusion, and ripening of precipit^ates is 
therefore accelerated. Stirring of the solution has he 
same effect. It is therefore advantageous to 
beaker with the precipitate in a warm place (for 
example, on a boiling water bath) and to stir its con- 
tents from time to time. _ 

The precipitates formed after ripening ore 

only easier to filter off, but also purer. The reasons 

to crvslaU of more regular form, corresponding to a more stable 

is accompanied by partial liberation ot the nnpu- 

rities Yn McerpeVCem^^^^^^ of Na,SO, trapped from 

solitTOO by 2 g of BaSO^precipitate decreased as follows dur.ng rtpcntng: 



Fig. 14. Diagram of 
processcsiaking place 
during ripening of 
crystalline precipita- 
tes ; 

I — large cr>>luls: ’ — 
small eryviuls; J - solu- 
tion 


Ripening time 


* 22-6 

190 

17-4 

140 

I0'4 

8-2 

15 

30 

18 

2 

48 

5 

min. 

hr. 

hr. 

days 

days 

mth. 


7-6 

7 

mlh 


It must be pointed out, however, that in some cases the precipitate may 
not bTfreed of impurities by ripening. For example, if an impurity forms 

i TT .ifltiiraicd solution in contact with a coarse-grained crystalline 

mi^ijlitafc orthis electrolyte. It is this constant which is the solubility product of the 
clecuolyie (sec Appendix III). 
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a chemical compound with the precipitate, the amount of the impurity 
present may even increase with time. For example, it was found in one exper- 
iment that the amounts of Zn ' Co * and Ni taken out of solu- 
tion by a Fe(OH )3 precipitate increased with time. This is probably due to 
gradual formation of chemical compounds (ferrites) between ferric hydro- 
xide and these cations. 

Ripening of a precipitate may sometimes be accompanied by posfpre- 
cipiiation of various impurities; this is considered more fully in § 27. 


§ 26. Conditions for Formation of Amorphous Precipitates 

In formation of amorphous precipitates it must first be taken into account 
that they arc produced by coagulation of a colloidal solution initially formed, 
and can be rcdissolved. It is therefore evident that conditions favouring 
coagulation of colloidal solutions must be created. 

It is known that one of the factors preventing cohesion of colloidal par- 
ticles is the presence on them of electrical charges of the same sign giving 
rise to forces of electrostatic repulsion. The.se charges arise owing to adsorp- 
tion of ions from .solution, and can be neutralised by adsorption of ions 
of llte opposite sign. Accordingly, coagulation of colloidal solutions can he 
induced hv addition of an electrolyte the oppositely charged ions of which 
are adsorbed on the surface of the particles, neutralise their charges, and so 
enable them to cohere. The coagulating concentration of the electrolyte 
(i.o.. the minimiini concentration needed to coagulate a given colloidal 
solution) increases rapidly with decreasing valence of the ion of a charge 
opposite to the particles. For example, in the case of As.S^ sol. the particles 
of which are negatively charged, coagulation is caused by adsorption of 
cations, and the coagulating concentrations of A! ' ‘ . Ba . and K. “ 
ions are in the propi>rtion of 1:20:1.000. 

Amuher lactor in the stability of colloidal s\ stems is sol\'ation (hydration) 
of colloidal particles; i.c.. adsorption of soisent molecules. As a result, the 
colloidal particles beta>nie surrounded by solvation lasers which prevent 
them from approaching closely enough form larger aggregates. Therefore, 
when we ha\e a sol of a substance the particles of whicli lia\ c a high tendency 
to sohation. it is not enough to neutralise the particle charges in order to 
induce coagulation; the sohation lasers must be destroyed as well. This 
can a!st> be done by addition of electrolytes if their concentration is high 
enough. At high concentratic>ns the clectrolue i<'ns renuwe solxent mole- 
cules from the colloidal particles in becoming soKated themsehes and, more- 
over. discharge the colloidal panicles. These processes lead to coaiiulalion 
of the sol (in this case, it is known as sahing-i'Ui). 

In many cases coagulatum is also assistcii b\ increase of the solution 
temperature. This decreases adsorption of tlie ions which confer charges 
on the particles, and assists destruction of their sohation layers. 

It should be noted that coagulation may occur also if a solution contains 
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colloidal particles with unlike charges; for example, when a negatively 
charged silicic acid sol is mixed with a positively charged gelatin sol. eic^ 
This is now used for rapid determinations of SiO. in various materials. 

It follows from all this that in order to prevent formation of colloidal 
systems amorphous substances should he precipitated: (a) from hot solutions ; 
(b ) in presence of a suitable coagulating electrolyte. Either various ammonium 
salts, or acids (if their presence docs not cause a considerable increase ot 

the solubility of the precipitate), arc used for this purpose. . 

The properties of amorphous precipitates, in particular their density 
and the associated surface area and settling rate, depend on the solution 

concentration in precipitation. . . Ai/r»u\ 

It is found in practice that if precipitates such as AKOH),. Fc(OH),. 

etc are formed from dilute solutions they arc loose and bulky, settle 

extremely slowly, and. because of their enormous surface area, they 

strongly adsorb impurities. . , - i • 

Conversciv when formed from conccnlraied solutions such precipitates 

are much denser, of smaller surface area, settle more rapidly, and are easier 
to wash free of impurities. Therefore, on N.A. Tananayev s recommen- 
dation, such substances are precipitate, ! from concentrated sohtwtts by 

concentrated solutions of preapitants ^'htch may be added rapidly 

It should be taken into account, however that although adsojtion i 
decreased because the total surface area of the precipitate ''‘•jduced i 
is at the same time intensified owing to increased concentrations ot the 
adsorbed ions in solution. To avoid this intensification of ad orp ion a 
large volume (about 100 ml) of hot water is added iminediatcly after the 
end of precipitation and the liquid is stirred. This disturbs the adsorption 
equilibrium and some of the adsorbed ions pass from the surface ol the 

precipitate back into solution. 

In contrast to crystalline precipitates, amorphous precipita es are not 
left to stand after precipitation but are immediately transferred to the fil- 


In such cases the precipitate should not be left for a long tjme in contact 
with the solution, as it may become so dense that washing becomes dilTi- 
cult. Furthermore, amorphous precipitates are often formed by the act on 
of alkalies. These act on glass, so that the precipitate becomes eontaminated 
with non-volatile impurities (such as SiO.,) leached out of the glass. 

It follows that the most favourable conditions for formation of crystalline 
and amorphous precipitates respectively are in many ways opposite to each 

Other. 


• Fuller deuils on colloidal solutions and their coagulation are given in the books 

ofV N Alexevcv Oualiialive Analysis, ^ Goskhim'udal. \964. ixnd Course of Qualiia- 

^iveChet^^7ser;.iiucroanalysis, § 44. Goskhimizdat. 1958. 
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§ 27. Coprecipitation 

It has already been repeatedly pointed out that the precipitates formed 
during analysis carry down with them various impurities, which are often 
quite soluble by themselves. For example, if sulphuric acid is added to a 
solution containing a mixture of BaCU and FeClg, we would expect only 
BaS04 to be precipitated, since the other salt which might be formed, 
Feo (804)3, is soluble in water. However, in reality this salt is partially precipi- 
tated too. This can be seen if the precipitate is filtered off, washed, and 
ignited. The residue is not white (the colour of BaS04) but is coloured 
brownish by ferric oxide which is formed by decomposition of Fe-,(S04)3 on 
heating: 

Fe,(S 04)3 = Fe3034- t 3 SO 3 

The precipitation of any extraneous substances, which are not generally 
precipitated under the given conditions by the precipitant used, is known 
as coprecipitation. 

Coprecipitation of soluble substances may be illustrated by the following 
experiment. 

To a mixture of BaCL and KMnOj solutions an excess of H^SOj (to a 
strongly acid reaction) is added by small portions, and the KMnO, remain- 
ing in solution is then reduced by addition of Na-.SOa. The reduction pro- 
ceeds in accordance with the equation: 

2KMn0,-f-5Na..S03 f-SH.SO, = 2MnS04 + K3S04 +5Na..S04+3H30 

The solution becomes colourless, but the precipitate is found to be of 
a vimet colour, indicating that some KMnO., is coprecipitated together with 

Coprecipitation should be distinguished from ordinary (chemical) 
precipitation of sparingly soluble impurities, together with the main sub- 
stance, when their solubility products arc exceeded on addition of the precio- 
itani_ For example if A 1 + '• + is precipitated from a solution also conlain- 

NHjOH solution, ferric hydroxide must always be 
precipitated together with Al(OH)3 because its solubility product is exceeded. 
However this effect cannot be regarded as coprecipitation of Fe(OH)3, 
because cj^JP^und would have been precipitated by ammonia even in 
a sence oi Al . in some instances one speaks of coprecip- 

1 a ion ot sparingly soluble substances if the experimental conditions 
arc such that these substances could not be precipitated by the action of the 
precipitant m absence of the main substance. This happens, for example, 
when the concentration of such extraneous ions in solution is very low, or 

It the solution contains any substances which interfere with their normal 
precipitation, etc. 

Thus, despite the very low solubility of RaS04, the precipitation of this 
substance together with BaS04 by the action of H0SO4 must be regarded 
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as coprecipitation, because the Ra + -^ ion concentration in solutions is 
usually so low that these ions are not precipitated by sulphuric acid in 
absence of Ba’^'*'. Partial precipitation of nickel and cobalt hydroxides 
together with Fe(OH )3 by excess NH^OH must also be regarded as copre- 
cioitation, because these hydroxides are soluble in ammonia and should 
remain in solution as complex (CoCNHa)^]'^ and ions. 

Coprecipitation is of great importance in analytical chemistry. Primarily, 
it is one of the most important sources of error in gravimetric determina- 
tions because a precipitate (weighed form) containing coprecipitated impu- 
rities' is no longer a pure substance with a perfectly definite formula: 
unless this formula is known, exact calculation of the amount of the element 
being determined is impossible. Therefore, the analyst performing gravimet- 
ric determinations must constantly take steps to diminish coprecipitation 

of impurities and of the precipitant itself. 

However, coprecipitation may also play a very important positive role 

in analysis. It happens quite often in analytical practice that the concen- 
tration of a particular substance in solution is so low that it cannot be precip- 
itated in the usual way. Coprecipitation o^'.^uch a microcom/jone/i/ 
component present in a very low concentration) with a suitable collccior 

fcarrier) may be induced in such cases, 

' For example, determinalion of lead content is important in water analy- 
sis However, the concentration of Pb^ + ions m water is so low that the 
soluSlity product of even the least soluble lead compound, PbS, cannot be 

'“te Pb++ concentration in solution must be greatly increased before 
it is precipitated. This might be achieved by evaporation of 10 litres water 
down to Tbout 100 ml. However, such evaporation would take “ Steal deal 
of time and heat, and would also increase the concentrations ol all the other 
components in solution, which might complicate the subsequent analysis^ 

NlLocomponents can be concentrated much more .'‘aP’dly and simpiy 
bv coorecipilation with suitable collectors. In the case m question the eol- 
lector used^ is CaCOs precipitate formed by addition of Na.CO^ solution 
to iSe water Practically all the Pb- - ions present in the water are prec^i- 
tated together with CaCO^. If the small precipitate is filtered off and dis- 
solved in the smallest possible amount of HCl or CH 3 COOH a solution is 
obtained in which the Pb++ ion concentration is thousands 01 Xens 
thousands of times higher than in Uie original water. Determination of Pb 

in such a solution presents no difficulties. . ^ r 

Coorecipilation of microcomponents with collectors is used very frcquenl- 
Iv It is especially important in the chemistry of rare elements. 

Coprccipitation is also used for other purposes; for example, to raise the 
sensitivity or selectivity of reactions, to improve precipitation conditions, 
to remove substances which interfere in analysis, etc. ... 

Because of the great practical importance of coprecipilation, it has been 
the subject of numerous experimenUl investigations for a hundred years 
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(since the middle of the 19th century). Important progress was achieved 
in this field only after the highly sensitive methods of the chemistry of the 
radioactive elements had been applied to studies of coprecipitation, which 
is especially important for the chemistry of these elements. Concentrations 
of radioactive elements are usually extremely low, and therefore in most 
cases such elements are isolated by coprecipitation with suitable collectors. 

Experimental investigations have shown that several different types of 
coprecipitation exist. From the point of view of analytical chemistry they 
are most conveniently divided into two groups, depending on the location 
of the coprecipitated component — on the surface or within the particles 
of the precipitate. Accordingly, a distinction is made between surface ad- 
sorption and occlusion. 

Surface Adsorption. Adsorption is the term used to describe the changes 
in concentration of substances or ions at the interface between two phases; 
for example, between a solid phase (precipitate) and solution, a solid phase 
and a gas, etc. The dissolved substance or gas usually becomes concentrat- 
ed at the surface of the solid, which is then termed the adsorbent. Adsorp- 
tion of dissolved substances from solutions, discovered by T. E. Lowitz 
at the end of the 19ih century, is especially important in analytical chemistry. 

The explanation of adsorption is that ions or molecules on the surface 
of a substance are not under the same conditions as particles within that 
substance. Whereas particles within the substance are bound with their 
neighbours in all directions, so that the forces between them are mutually 
balanced, in a surface layer only the forces directed into the substance and 
in the plane ofthe surface itself are balahced. Therefore, a free field offeree 
arises at the surface and the particles can attract ions or molecules of dis- 
solved substances or gases. 

Adsorption is a reversible process, because it is accompanied by the oppo- 
site process of desorption, i. e., passage of adsorbed ions or molecules from 
the adsorbent surface into solution. The simultaneous occurrence of these 
two mutually opposed processes leads, as always, to a state of dynamic 
equilibrium, known in this case as adsorption equilibrium. 

The position of adsorption equilibrium depends on numerous factors; 
the following must be considered in detail. 

Effect of the Adsorbent Area. Since substances or ions are adsorbed on the 
surface of the adsorbent, the amount of a substance adsorbed by a given 
adsorbent is directly proportional to the total surface area ofthe adsorbent. 
It follows that adsorption becomes most significant in analysis when one 
deals with amorphous precipitates, as the particles in such precipitates are 
formed by aggregation of large numbers of small primary particles and 
therefore have enormous surface areas (§ 24). 

On the other hand, with crystalline and especially with coarse-grained 
crystalline precipimtes, which have much smaller surface areas, adsorption 
is usually insignificant by comparison with other types of coprecipitation. 

Effect of Concentration. Adsorption of various substances or ions increases 
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with increase of their concentration in solution ; however the increase is 
therffore be favoured 

he Nature of the Adsorbed Ions. Adsorption is characterised by 
WTA^loZe of selectivity: a particular adsorbent adsorbs some ons 
a high g ^reference to others under the same conditions. The foUo\s - 
i^g'ruk holds! Lorhents uith ionic crystal lattices preferentially adsorb 

ions which form sparingly soluble or 
weakly dissociated compounds with 
oppositely charged ions m the lattice, 
in particular, ions common with the 
precipitate. For example, BaSO^ precip- 
itate preferentially adsorbs its own 

common ions, Ba and S . 
dependent on which is present in the 
solution in excess. Among extraneous 
ions NO," ions are adsorbed more 
than Cl" ions because BaCNOjli is less 

soluble than BaCl^, etc. 

Similarly, Agl precipitate P'-eferen- 

tially adsorbs Ag and 1 ions, etc. 

Adsorption ofany ions by a precipi- 
tate confers the accordingly, each particle attracts 

charge on the J!. ^ ionj or “gegenions”). For example, if an 

oppositely charged ions (coun^ ^^^ AgNO, solution, then the precipitate 

Agl precipitate charged^ adsorbing Ag+ ions and attract 

particles become «-'y J^rds, the Agl precipitate becomes 

NO 3 - ions as AgNO,. Conversely, if an Agl precipitate is 

contaminated with adso become negatively charged owing 

m j rJtain K.+cations as counter-ions. 

U fX^wsTront Ll Iht that a distinction must be made between two types 

of adsorption: P''''"“''y “"XX''haTe'^ad 5 orbs either its own ions or ions 
In printary In this case the adsorbed 10 ns form 

which can replace ihcm J!>on p . . j confer a positive or nega- 

a single layer on the ^ of this is .secondary adsorption of ions 

tivc charge on them. ^ ^ j by the particles: these ions remain in 

rolXnrdl^rmVe to-called “diffuse layer“ (Fig, 16) near the partiele 
'“secondary adsorption increases very rapidly with increasing charge of 


Concentration of substance in solu 
tion 

Fig. 15. Variation of the adsorption 
of a substance with concentration 


• Sec p. 100. 
7 - 6001 
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the adsorbed ions and with decreasing solubility of the adsorption compound 
formed. 

Effect of Precipitation Conditions. Adsorption is very much influenced by 
the experimental conditions. For example, the concentrations of the reacting 
solutions are very significant. It was pointed out in § 26 that it is more con- 
venient to precipitate amorphous substances such as Fe(OH)3, Al(OH)3, 
etc., from concentrated solutions, because denser precipitates of smaller 
surface area are formed and they adsorb far fewer extraneous ions. Converse- 
ly, it is preferable to precipitate 
crystalline substances from dilute 
solutions, as larger crystals are 
formed, with a smaller surface 
area than the same weight of small 
crystals. 

Since ageing of crystalline 
precipitates involves an increase 
of particle size and recrystalli- 
sation of the particles with for- 
mation of more perfect crystals, 
ageing should result in partial 
removal of adsorbed impurities 
from precipitates. This is found 
to be the case (for example, see 
the data on p, 91 concerning 
the amounts of Na..S04 held by 
a BaS04 precipitate during age- 
ing). 

As has already been stated, 
substances or ions adsorbed by 
a precipitate are in dynamic equilibrium with the same substances (or 
ions) present in solution. When a precipitate is washed, the solution per- 
meating It IS gradually replaced by pure water, the adsorption equilib- 
rium IS disturbed, and the adsorbed substances or ions pass from the 
precipitate surface into solution. In other words, adsorbed ions can be 
removed by washing the precipitate. 

Occlusion. Occlusion differs from surface adsorption in that the copre- 
cipiiated impurities are within the precipitate particles and not on the surface 
Therefore, occluded impurities cannot be removed from a precipitate by 
washing. The whole precipitate must be dissolved to bring them into solu- 
lion. Occlusion may occur due to various causes, namely the so-called 
internal adsorption, formation of mixed crystals, and formation of chemical 
compounds of the precipitate and the coprecipitaled impurities. Let us con- 
sider these types of occlusion more fully. 

Menial Aihorption. In chemical analysis a precipitate is not put into a 
solution as such, but is formed as the precipitant is added. At first very small 



© Ag ions 0 NOf counter- ions 

Fig. 16. Adsorption of As"* ?ncl NOT ions 
by crystals of Agl p.c-.ioiiate 
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crystal nuclei are formed; these gradually grow and their surface is contin- 

uouslv renewed by deposition of new layers of the substance. This constant- 
ly renewing crystal surface continuously adsorbs various impurities from 
solution. As the crystal grows, these impurities are gradually dis^aced by 
the ions which constitute the crystal lattice of the precipitate. Hm'eve , 
usually this displacement is incomplete. In accordance with 
tTon conditions some part of the impurities, initially present on the particle 
su“becomes separated from the solutior, by the newly deposited layers 
of substance. This trapping of initially adsorbed substances within growing 

crystals is known as internal adsorption. 

Internal adsorption conforms to the same laws as surface absorption 
For example the effect of the concentration of an impurity on internal 
adsorption is represented by a curve similar to that for surface adsorption 
(see Fie 15) As in surface adsorption, the solubility and degree of disso- 
Siorl of the compounds formed have a strong influence on this type of 

occlusion For example, a BaSO^ precipitate adsorbs 

morrstronely than Cl^ iens, because Ba(OH), is less soluble than BaCl^. 

The seauence of addition of the solutions is very signifi^nt in internal 
adlorptir Suppose, for example, .hat we precipitate BaSO, by dropw.se 
nf H SO solutioH to Bad, Solution. The crystals of the precipitate 
?he: grow in^friedt^ontain Ba- ions in excess, and these ions 
hecome adsorbed by the precipitate and confer positive charges on its crys- 
mis Ts a result. Cl - anions are held as counter-ions. As new pon.ons of 
• tcTit nHded these counter-ions arc displaced by the SO^ ions, 
wW*ch are common to'thc precipitate and arc more readily adsorbed. How- 
ever since this displacement is incomplete, the preciptate occludes some 
CT- anTons. i; othe'r words, we obtain not a pure Prccipjtate bu an 

indefinite mixture containing a smaH amount of BaCl,. ^ 

contained some other anions such as Br ,1 , NO, ’ b ol C , 

these would also be occluded; the more so the lower the solubility of the 
erresrn^ng barium salt. On the other hand, extraneous catmns present 

nhate during precipitation under these conditions. 

r[ic situation is different if the order of precipitation is 
if BaCl solution is added dropwise to H^SO^ solution. In this case the BaSO., 
erS grow m a medium containing SO, - ' ions in excess As the crystals 
Adsorb the anions, they become negatively charged, and therefore attrac 
cations (H+ ions in this case) as counter-ions. This means tl^at as the result 
of occlusion the precipitate would contain an admixture of H.SO, or of 
var^us sXhales.Lch as Na.,SO,.. K,SO„ etc. (if the corresponding cations 
nresent in ihc solution)* 

It follows from all this that to diminish internal adsorption of extraneous 
cations precipitation should be performed so that the crystals of the 
grow in a medium containing its own cations in excess. Conversely, xf it is 
required to obtain a precipitate as free of occluded extraneous anions as possible. 
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the precipitation should be performed in a medium containing anions of the 
precipitated compound in excess. 

The following example shows how strongly internal adsorption is 
influenced by the sequence of addition of the solutions. In a certain 
experiment sulphuric acid was added slowly to BaCU solution, and a 
precipitate containing l-6''o of chlorides was obtained. When the se- 
quence of addition was reversed, under the same conditions of temper- 
ature. concentration, etc., the precipitate contained only 013®i, of chlo- 
rides or one-twelfth of the previous amount.* Of course, by decreas- 
ing internal adsorption of anions with this sequence of precipitation we 
make the conditions more tavourable for internal adsorption of 
cations. 

In addition to these factors, the rate at which the precipitant is added also 
influences internal adsorption. If the precipitant is added in excess at once, 
the precipitate crystals grow in a medium containing an excess of the precip- 
itating ion. In other words, the conditions are similar to those produced 
when the sequence of addition is reversed. However, apart from this indi- 
rect influence, the rate of precipitant addition can apparently influence 
internal adsorption more directly. It is known that purer precipitates are 
usually obtained it the precipitant is added slowly. This may be partly because 
a more coarse-grained precipitate, of smaller surface area, is formed by slow 
precipitation. However, since surface adsorption plays a relatively small 
pan in formation of crystalline precipitates, it is more probable that slow 
growth of the crystals lavours a decrease of internal adsorption, because 
under such conditions replacement of adsorbed impurities on the cry.stal 
surface by the ions of tiv. p-recipitate is easier. 

The mechanism of internal adsorption which has been discussed above 
e.xplains one of the characteristics nl coprecipiiation, nanicl)'. that in most 
cases coprecipiiation occurs only while the precipitate is being formed. 

lormation of Mixed Crystals (isomorphous coprecipitaiion t . Studies of 
coprecipitation phenomena have shown that isomorpliisni of a precipitate 
with the coprecipitated impurity is also of great importance in coprecipita- 
tion. It will be remembered that substances are said to be isomorphous if 
they can crvstalh^c with formation of a joint crystal lattice; so-called mixed 
■.'^•ystals arc formed in the process. 

flic various alums are iy|iic.il examples of isomorplious substances. 
It a mixture of the eolomiess potash alum K \l(SO,). -12^1^ and the deep 
viojct ehiome alum K( r(.S(3,)^ -^HjO is disst^lved in water and left to 
crystallise, mixed ervsials containing both potash alum and chrome alum 
are lormcd. The liighei the concentration of chrome alum in solution, the 
deeper the violet colour of these eivstals. liv variation of the concentrations 
ol the tv'.o alums it is possible to obtain a continuous range of crystals. 


p ^ •Tisl I V. PyatiiitsU. Qn.intihithc Analysis. Gaikliimizdat, i956, 
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from those consisting of KAKSOJ, ■ I2H ,0 only to crystals containing 
KCr(SO.)>- 12H.O only. 

Isomorphous substances have formulas of the same type. These substances 
usually crystallise in the same form (see Fig. 17); this is the origin of the 
term “isomorphous”, which means “basing the same form . 

The principle of isomorphism is that ions ot the same co-ordination num- 
ber and similar radii can replace each other in the crystal lathee without 
disturbing its stability. For example, since the radius of die Ra ' Jon (I-5.A) 
is close to the radius of the Ba ^ ^ ion (l-4?.\). RaSO, and BaSO, are iso- 
morphous. Therefore, when BaSO, is precipitated from a solution contain- 
ing even minute traces of Ra + ’ ions the latter are incorporated with Ba 
ions in the crystals of the precipitate formed. In other words, radium sul- 
phate is isomorpliouslv ptccipifaieJ with barium sulphate. 

In contrast to the Ba * - ion. the Ca " ' ion has a mucli^ smaller radius 
(1*06 A) than the Ra ^ ion. Accordingly, Ca and Ra cannot both 

enter the same crystal lattice or 
isomorphously replace each other. 

Therefore, Ra^-*" ions are not 
coprecipitated with CaSO.,, de- 
spite the low solubility of RaSO,. 

The significance of isomor- 
phism in coprecipitation was dem- 
onstrated first by V. G. Khlopin 
(1924) and later by O. Hahn 
(1926). One example of isomor- 
phous coprecipitation is provided 

lv:?;nrc:;^dp“KMnO, ana BaSO., which arc i.enor- 

^’'The amount of an impurity coprecipiiated during formation of mixed 
crystals depends on the relative concentrations of the impurity and the 
precipitated ions in solution. The quantitative laws of isomorphous pre- 
cipitation were established by the work of V. G. Khlopin and his school, 
and of O. Hahn and his associates, and proved to depend on the experi- 
mental conditions. 

For examnlc if a precipitate is formed from a strongly supcrsaiuratod solution with 
1 A ctfrrincF in Order to accclcfatc rccrysiallisation of ihc precipitate particles^ 
?slatc of eqmlibrkim is reached when the ratio of the amounts of Ra ' and 

eventually a^s^r^cipiutc is proportional in their concenlrations in solution. 



Fig. 17- Crystals of potash and chrome 

alums 


•• a mus^\e"n^o^cd that here we have a special type of isomorphisni. Unlike the usual 
case whTn one t^pe of ion in the precipitate is replaced by another, here a pair of tons 
and SO4--) is replaced by another pair (K + andMnO,-). comparable inside 

to the first pair. 
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This law, known as the distribution law, may be represented by the equation 



a — x 
b—y 


or 



here x and y are the amounts of radium and barium in the precipitate; 
a and b are their initial concentrations in solution; 

D is the constant, known as the distribution (or enrichment) coefTicient. 

If 1. it means that the coprecipitated ion passes from solution into the precipitate 
and the mixed crystals formed are richer in this ion than the solution. This is usually the 
case when the solubility of the coprecipitated substance is less than the solubility 
of the compound with which it is coprecipitated. In this example radium sulphate is less 
soluble than barium sulphate. Accordingly, D»l. and the precipitate is enriched with 
radium. 

In this example of isomorphous coprecipitation the coprecipitated impurity (Ra ■*"*■) 
is distributed quite uniformly in the mixed crystals formed. However, under other pre- 
cipitation conditions the distribution may not be uniform. For example, if BaCl. aH.O 
is crystallised out very slowly by evaporation of a saturated solution of this salt contain- 
ing an admixture of a radium salt, the precipitate crystals are formed so slowly that 
there is tirne for equilibrium to be reached between the precipitate and the solution during 
the precipitation. Since Ra’*’’* has a greater tendency to separate out of solution than 
Ba ^ ■*■, the solution becomes progressively poorer in radium as crystallisation proceeds. 
It follows that the inner layers of the crystals, deposited from a solution richer in radium, 
should contain mere radium than the outer layers which were deposited later. The 
quantitative relationships in this case are also dilYcrcnt. Instead of Equation (1), the 
following logarithmic formula is valid in this case: 






Here .r. y, a and b have the same significance as in Equation (1). The quantity ?. is 
a constant. If, as in this instance, ?. » J. the coprecipitated ion is concentrated in the 
precipitate crystals. 


In contrast to adsorptional coprecipitation, which is highly sensitive to 
the slightest variations in the experimental conditions, isomorphous copre- 
cipitation is influenced relatively little by such variations. This makes it 
possible to distinguish experimentally between these two forms of copre- 
cipitaiion. 

Formation of Che/nical Compounds. Formation of chemical compounds 
can aiso cause occlusion of various impurities. For c.xample, precipitation 
of Pb or Hg"^ ^ with hydrogen sulphide is accompanied by coprecip- 
itation of Cl , Br , and I anions. This is due to formation of various 
complex ions in solution, such as [HgCl]+, [Pbl]+, etc., so that 
[HgCI ]jS (white), [Pb! ]^S (reddish brown), etc., may be precipitated. 

It should be noted that formerly most coprecipitation effects were attri- 
buted to formation of new chemical compounds; however, such e.xplana- 
lions were in most cuscs disproved by dctoilcd investigations* 

In addition to coprccipiiation. the analyst has to deal with an effect 
known as postprecipitation. This is the gradual deposition of an impurity 
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from solution when the solution and precipitate are left in contact. For 
example Tthe separation of Group IV and Group III cations by hydrogen 
suiphfde’in an acW medium the precipitate initially formed is free from 
7inc sulphide However, if the filtration is performed some time after 
preci^Uat^^n the precipitate is contaminated with ZnS owmg to post- 

"TiCedpitlrn^orzTnc sulphide is caused by adsorption of S ' tons 

°‘«?^nfrl’v‘ff'a calcium oxalate precipitate is left in contact with a mother 
Uate°d Ti^g t^l«"presence’o 7 XrbTd CfiT ^fo^nfon'the pa^ticlL 

t^3^-nded ^ r^. ^ 

L"h: pr^lutes ow,ng to postprecip.tation of impur.ties, 

§ 28. Decrease of Coprecipitation 

When a precipttate js -nta^naj^ 
of the precipitate (weighed .. calculate exactly the content of 

cal formula, There^flrc, coprecipitation is one of the most 

steps to diminish its effects on the choice of 

Coprecipitation^^^^ to determine any particular irnpurities 

analytical procedure li lt q inappropriate to precipitate the mam 
(microcomponenis) It IS o y amount, it would give a very 

constituent f irst. ® ^ P " prLlicaily all) of the microcomponent 

bulky precipitate, and most or evenjr^^^^^^ an erroneous result would be 

would be coprccipitdtc Fvidentlv in this case the microcomponent 

obtained in ‘he determination^ Ev^^^^ 

n,ust be ,t is found in practice (sec 

§“'3t th:t°rpr:cip'’i;:ho"of impurilies fs much less whh organic than 

'^'romTcioUahon ctn'’ai‘so'bc diminished by suitable adjustment of the 
prSpitation conditions, especially in the case of adsorpt.onal copreep- 

itation. . j c 27 such conditions as the sequence of addition 

of oluCnf thcTr conVentrations, temperature, rate at which the pre- 
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cipitant is added, etc., have a very strong influence on adsorption. Partial 
removal of coprecipitated impurities during the ripening of crystalline 
precipitants is also significant. 

Since both adsorptional and isomorphous coprecipitation greatly depend 
on the nature of the ions in question, coprecipitation can sometimes be 
diminished considerably by replacement of certain ions with others. For 
example, if Ba + + ions have to be precipitated in presence of Fe + + + 
ions, the latter should first be reduced to Fe + + ions, which are copre- 
cipitated much less with BaSO,. Similarly, coprecipitation can be decreased 
if the coprecipitated ions are bound in the form of some fairly stable and 
less coprecipitated complex.* 

A precipitate must be washed thoroughly after every precipitation in 
order to remove adsorbed impurities and residual mother liquor. However, 
it is impossible to remove occluded impurities in this manner, because 
they are contained inside the precipitate particles. 

Reprecipitation is often used in quantitative determinations for removal 
of such impurities, and of adsorbed impurities which are difficult to remove 
by washing. This operation is explained by the following example. 

It is known that in gravimetric analysis Ca “ " is usually precipitated 
as calciuni oxalate, CaC^Oj •H^O. If the solution also contains 
(which is usually the case in analysis of natural materials and industrial 
products), the precipitate formed is strongly contaminated with MgC,0, 
as the result of coprecipitation and postprecipitation. To remove this 
impurity the precipitate is filtered off, washed, and dissolved in HCl The 
resultant solution contains all the calcium from the original substance 
and a small proportion of the magnesium, because onlv a relatively small 
amount of magnesium was coprecipitated. The acid 'is neutralised and 
the precipitation of CaC.O,, is repeated; in this reprecipitation the con- 
centration of Mg + ions is very much lower than before. Therefore the 
CaC.O, precipitate is now almost free of the MgC.O, impurity. This pro- 
cedure IS used with success for preparation of pure precipitates in many 
other cases too. ^ 


However if for some reason it cannot be used (for example, if the pre- 
cipitate. such as BaSOj, is not soluble in acids or other solvents) the copre- 
cipitaicd ions must first be separated from the ions which are to be deter- 
mined. Of course, such separation may not ahvays be possible because of 
seru^us complications due to coprecipitation effects. 

If it is not possible to diminish coprccipilation sufficiently or to separate 
the coprccpitatcd impur.ty then the impurity is determined quantitatively 
tn litc precipitate at the end of the analysis, and the appropriate correction 
IS applied to the analytical result. 


* t or cx.in,plc, the best method of obtaining a BaSO, precipitate fn 
forim a'MaW;" «,rp?cx"ai,h ‘fc ' - '=»»'<t"ed.ami„e,c.raac< 


from iron is 
acid, which 
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§ 29. Filtration 

Filtration and washing of precipitates are very important 
the accuracy of analytical results depends to a considerable extent on the 

thoroughness with which they are carried out. 

Tn gravimetric analysis the so-called ashless fillers are used for filtration 

these fr^filter papers from which most mineral matter has been removed 
bv washino with hydrochloric and hydrofluoric acids. Such fi ter papers 
are availaWe commercially. When burnt, they leave very little ash. the 
ash weight is shown on the packet. It is usually so low that it can be neg- 
lected; ff it exceeds 0 0002 g it must be subtracted from the weight of the 

Alhles^filter papers are made in various density grades in accordance 

with the particle^sizes of the precipitates for which they are intended. Thus 
witn me p are used for separation of gelatinous 

the least rap^d f„ter off Packets 

amorphous p p . j ^ j by a red (or black) paper band. Most 

° b^fit So^ papers of moderate density (Nvhite band); 

Sfy? r rnsetf "so^allcd ‘•ba^e" pap.s (blue band, are used will, 

the finest precipitates such as BaSO^ or CaC.U.,. 

Somelimeyi .lal, 

Mncentrated HCI (for f au-s nm 'eparale fibres. Tlic paper 

ru?p burner off, wircdThliVrsSy^o ihe aeid, and kep. in ihe fernr of 

a suspension in water. 

Tn filtration it is most important to choose the right size of filter; f/i/j 
In filtrat on it • ^ of precipitate anti not by the volume 

tie fd fr became otherwise it cannot be washed thoroughly. However, 
the filter, beca ^ because they would require 

longe washfng to remove substances adsorbed from solution. The funnel 

" Hlter funnels usually have a cone angle of 60». For a filter paper to 

nh 'I funnel the oaper must be folded in half, and tlicn in 

half“ati'n wi^rthc s^nd fold'af right angles to the firsh If the funnel 

anile !s not 60» (as occasionally happens), the second fold must not be 

llaltw ai r ghf angles to the first, but a more or ess obtuse angle must 
exactly at g b ^nialler or the larger of the 

u t tlTu IS opened out until the filter fits closely to the inside of the 
(U!ch must be absolutely dry). The filter is then filled with distilled 
water a^Id pressed carefully against the funnel with a clean finger in order 
to Dress out the air bubbles formed between the paper and the funnel. 
If the paper is fitted properly, the funnel tube during filtration usually 
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becomes filled with the filtrate, which pulls the liquid in the funnel by its 
weight, so that filtration is greatly accelerated.* Otherwise air bubbles 
enter the funnel tube and the flow of liquid through it is greatly retarded. 

The filter funnel is placed in a ring on a stand, with a clean beaker under- 
neath so that the bevelled tip of the tube touches the side of the beaker 
(Fig. 18). This is done to avoid splashing of the liquid in filtration. It is 
useful to rub the outside lip of the beaker containing the precipitate lightly 
with the finger. It is then not wetted by water and drops of the liquid will 

not run down the outside of the beaker. 

The liquid is first decanted, or poured 
carefully into the filter without disturb- 
ing the precipitate, so that the filter pores 
remain unclogged by the precipitate par- 
ticles as long as possible. To avoid 
splashing, this must be done with the aid 
of a glass rod as shown in Fig. 18. The 
lower end of the rod must be kept in the 
middle of the filter, near the part of its 
surface where it consists of three layers 
of paper but not touching it. As the 
filter becomes filled the rod is raised so 
that it does not touch the liquid. 

The filter must not be filled to its 
brim with liquid. The liquid level must 
be 5 mm below the paper edge. 

When it is desired to stop decantation, 
Ftg. 18. Filtration the beaker is turned upright, the lip being 

drawn upwards along the glass rod. This 
is to prevent the last drop of liquid from running down the outside of 
the beaker. When the beaker is in a vertical position, the glass rod is 
put into it, care being taken not to lose the drop of liquid hanging 
from the tip. The rod must always he either above the filter or in the 
beaker. Obviously the rod must not be put down on the bench or the 
shelf, because adhering particles of precipitate would be lost. 

Filtration is continued for as long as it is possible to decani the liquid 
from the precipitate. After it has been ascertained that the filtrate is clear, 
it is rejected (unless it is the intention to investigate it later) and the precip- 
itate is washed. 



If ihc funnel tube docs not fill with liquid, the following procedure may be used. 
The filter is filled with distilled water and the lower end of the tube is closed with the 
finger. The part of the filter consisting of three layers of paper is pressed (under water) 
against the funnel with the index finger of the other hand, and the paper is shifted upwards 
very shghdy in order to let the air out of the tube. When the tube is completely filled 
Nyth h.juid the paper is returned to its original position and pressed firmly against the 
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FiltratioD Through Glass Crucibles. Instead of ordinary filler P^per, it 
is verTwnvenient to use special glass filter crucibles or tubes (or funnels) 
f Thp^e crucibles which are now widely used in laboratory 

D°racto are small glass vessels with sealed-in porous glass plates which 

analytical work. 



Fig. 19- Filtration through a glass filter crucible: 

; - filler crucible; 2 - suction Haik; i - vacuum pump; ^ - intermediate flask 


V 


The filtration is perfornted P-rg“in"th"L"a 

7 ’Vhe 'Jire' ube of which is connected to a water-jet pump (or some 
flask 2, the side tuoe o* intermediate flask 4. When a vacuum 

°s pro^uetdln th^f nte^r nask, atmospheric pressure forces the liquid through 

*''1 ’’r^d ‘:/guf!lntefc;:dWes:''GS used; 
her^^re f.ltc-rfng medium is a layer of asbestos deposited on the porous 

'’T"' HL'l^mcibTes with porous bottoms are also used for f.ltration in 
Porcelain cmcibles. In contrast to glass crucibles, porcelain 

c^Lres c^n be® heated ;o very high temperatures but are more hygro- 
scopic. 
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§ 30. Washing of Precipitates 


The purpose of washing a precipitate is to remove adsorbed impurities 
and the mother liquor which permeates the precipitate. Adsorbed impurities 
are in equilibrium with the corresponding ions in solution. Therefore, when 
this solution is replaced by pure water (or some other wash liquid), in which 
the concentration of these ions is zero, desorption of these ions predomi- 
nates over adsorption. As a result, the adsorbed impurities are gradually 
removed from the precipitate in the course of washing, and eventually the 
precipitate becomes quite pure.* 

Composition of Wash Liquids. The choice of liquid used for washing a 
particular precipitate is important. The following four cases must be dis- 
tinguished. 

Wa.shing with a Solution of the Precipitant. It is only very rarely (see 
§ 18 ) that the solubility of a precipitated compound is so low that it can be 
disregarded. In most cases, unless special measures are taken, the loss 
due to solubility of the precipitate in the course of washing is greater than 
the permissible error in weighing. In such cases the wash liquid must contain 
the precipitant ion; for example, the precipitate may be washed with a dilute 
solution of the precipitant. Since the product of the ionic concentrations 
(or, more correctly, activities) must remain constant, increase of the con- 
centration of the precipitant ion in solution low-ers the solubility of the 
precipitate to a value which may be disregarded. Of course, the added pre- 
cipitant (or other electrolyte containing the precipitant ion) must be vol- 
atile. so tliat it can be removed completely from the precipitate during 
ignition. 


Sometimes loss due to solubility is decreased by the use of a saturated 
solution of the precipitated compound for washing the precipitate (A. M. 
Vasilyev’s method). For e.\ample, a PbSO., precipitate is often washed with 
a saturated solution of lead sulphate, etc. 

Some specimen calculations of the solubility losses when precipitates 
arc washed with pure water and with dilute solutions of precipitant are 
given below. 


r.uvnplc I. Find the loss duo to solubility when 01 g of CaC.O, precipitate is washed 
wuh 200 ml of water. 

Solution. First find the solubility in moles of CaC.O, per litre (SP 2-6 •, 10”*). 
Denoting this by x, we have: 


and 


K'a 1 T.- [C-O, --) 


A* 


■ 1 [C.o, - 1 . .v2 2-6 • lO--* 


• It will be remembered that onlv impuriiies atisorhcii on the .uirface of the precipitate 

cun he remoyed hy vyushine. If the impurities arc occluded, i.c.. are contained within 

the precipitate particles owing to internal adsorption, isomorphous coprecipitation. 

»'r other causes, other rncthods must be used for obtaining pure precipitates. These methods, 
were considered in tj 28. 
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* 

= /2-6x 10-» = = 51 xl0-‘ Ar 

Therefore, the amount of CaOO. dissolved- in 200 ml of water is 

51 X 10 “*x 128x0-2 {ss 0 0013 g 

The percentage error due to dissolution of the precipitate during washing is found 
by proportion: 

0-1 - 100 % 

0-0013 - y 
0-0013 X 100 


y = 


0 1 


= 1-3“ 


Example 2. What is the loss if. in Example 1 , the CaC^O. precipitate is washed with 

CaC.O. i„ mdes per hire h. we 

lCa+ + l=Ar; 1C.O.--1-001+A: 

Since ;< is small by comparison with 0-01. it can be disregarded; therefore 

(Ca+ + J [CoO,' " 1 = JTxO-Ol = 2-6x lO-'-* 

= 2-6x10 -■ 

Hence the solubility loss is:** 

(a) in grams: 

2-6x 10-^x128 x 0-2 = 0-0000067 g 


(b) as a percentage: 


y * 


_ 0 0000 067x1 00 ^ 


0 1 


romnarison of these results shows that when water is used the loss due 
1 K of r-xC O is nearly 7 times the permissible error in weighing. 
IVerl^'w^cn'a^:— “VLlt with a co'^mon ion is used the loss is 

ne^igibly Solution. When pure water is used for washing, 

® n imif fre wpffrer .e., converted into the colloidal state, so 
naany P “ Yn" Oiiough the filter. To explain this it should 

A oil rtther elcclrolyles are gradually washed out of the prccip- 
itate°Vhcrefore, the colloidal particles which had been coagulated become 
u A QCT?»in And becin to repel each other. As a result^ the large aggre 
gates disintegrate again into minute colloidal particles which pass freely 

through the filter pores. 

• 08 is the anoroximate molecular weight of CaC.O*. _ . . 

•• ThVLiculaliSn is approximate, as the activity coefficients of the 
taken Into amount. A more precise calculation can be earned out as described in § 20 

(Example 2). 



110 


Chapter II. Gravimetric Analysis 


To prevent this undesirable effect, the precipitate must be washed with 
a dilute solution of an electrolyte rather than with pure water. The adsorbed 
ions removed from the precipitate are then replaced by ions of the electrolyte 
used for the washing, \.Q.y exchange adsorption occurs. Peptisation of the 
precipitate is therefore prevented. The electrolyte must, of course, be a 
volatile substance which is removed completely from the precipitate 
by ignition. 

In practice, either volatile acids (if they do not dissolve the precipitate) 
or ammonium salts are used for this purpose. Of course, there is no need 
to ensure that the coagulant electrolyte contains an ion in common with 
the precipitate, because in this case its purpose is quite different from that 
discussed earlier. 

Washing with Substances Which Suppress Hydrolysis of the Precipitant. 
Sometimes precipitanls undergo hydrolysis when washed with pure 
water; this may raise the solubility of the precipitate, or the weighed form 
may no longer be an individual substance with a definite chemical formula. 
This can be prevented by the use of a solution of a substance which sup- 
presses hydrolysis of the precipitate. For example, MgNH^PO^ precipitate, 
which gives NH 4 OH as one of its hydrolysis products, 

MgNH,PO,+ H,0 " MgHP04-LNH^0H 


is washed with dilute ammonia solution. 

The ammonia present in the wash liquid shifts the hydrolysis equilibrium 
to the left, i.e., decreases the degree of hydrolysis of MgNH^PO^. 

Washing with Water. If there is no danger either of solubility loss, or of 
formation of colloidal solutions, or of hydrolysis, precipitates are simply 
washed with distilled water. 


It is preferable to use hot wash liquids, because hot liquids filter more 
rapidly than cold owing to the decrease of viscosity with the rise of temper- 
ature. For example, w-ater at 100® C filters approximately twice as fast 
as at 20® C, and four times as fast as at 0®. Moreover, adsorption is also 
less at high temperatures. 

It must be taken into account, however, that losses due to solubility 
of the precipitate increase with rise of temperature (§ 21). Therefore, if 
the solubility of a precipitate increases with temperature, it must be washed 
with cold and not hot w’ash liquid. 


Washing Technique. Washing is first performed by decantation,* and the 
precipitate is washed on the filter only at the end. When a precipitate is 
washed by decantation, a certain amount of wash liquid is poured into 
the beaker containing the precipitate, stirred thoroughly, and the particles are 
allowed to settle, then as much of the liquid as possible is poured down a 
glass rod into the filter before a fresh pc'rtion of wash liquid is put into 


* It will be remembered that decantation is careful pouring of the liquid from the 
settled precipitate onto the filter (p. 106). 
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the beaker. It is easy to see that impurities are washed out much more 
rapidly in this way. 

SuoDOse for example, that the amount of impurity to be washed out is 0-1 g and 
20 ^ Sf hiuid is used in each decantation. 90% (18 ml) being poured onto the filter 
and 10% (2 ml) remaining in the beaker; then 

Removed Remaiiu 

g B 

009 001 

0-009 0 001 

0 0009 0 0001 


In first decantation 
In second decantation 
In third decantation 


The amount of impurity is seen to decrease in a geometrical progression with a common 
ra.^ of ”l Tf 10 ^ was left each time in the beaker instead of 2 ml the common ratio 
of "he proBtession would be 0-5 and the washing would take much longer.* 

The advantage of washing by decantation is obvious: the precipitate is 
mixed very thofoughly with the wash liquid, and there is very little clogging 

°'^DecantaUon''u repeated several times and the precipitate is then trans- 
ferred “quantitatively” (i.e., completely, without loss) to the filter. To 
do this the precipitate is stirred up in a small 
amount’ of the wash liquid and the suspension is 
poured carefully into the filter down a rod This 
is a very important stage in the work: the loss of 
a single drop of the turbid liquid may make the 
result of the analysis quite wrong. The beaker is 
rinsed out with small portions of the wash liquid 
from a wash bottle; each portion is poured off 
together with the particles of precipitate into the 
filter, so that the precipitate is transferred to the 
filter as completely as possible. At the end, all the 
particles of precipitate adhering to the sides of 
the beaker are removed on a small P‘«ce of 
ashless filter paper which is moved inside the 
beaker by a glass rod. The rod itself is wiped 
with a similar piece and both pieces are put in 
the filter. Another way of removing particles of 
precipitate from the walls of the beaker and the 
filass rod is to rub them off by means of another 
glS rod provided with a rubber tip and rinse them down with a stream 

r.f water from the wash bottle. 

When no more particles remain either in the beaker or on the rod the 
precipitate is finally washed on the filter. This is most conveniently done 
with the aid of a wash bottle (Fig. 20). To avoid splashing, the jet of liquid 

• Thesefigures suggest that 3 to 4 washings should be enough to remove impurities 
from the precipitate. In reality, however, more washings arc needed because impurities 
are retained in the precipitate by adsorption forces. 



Fig. 20. Wash bottle 
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from the wash bottle should not be directed at the precipitate itself, at the 
centre of the filter, but at the side, nearer to the upper edge. The drawn- 
out tip of the wash bottle tube is moved around the filter so as to wash 
the precipitate down gradually to the bottom of the filter. Here, as in 
decantation, before a new portion of liquid is added to the filter the preceding 
portion must be allowed to drain completely. 

When it seems probable that the impurities have been completely washed 
out, a test for completeness of washing is carried out. 

The beaker under the funnel is replaced by a clean test tube or watch 
glass, a few millilitres of filtrate are collected, and tested with a suitable 
reagent for the ion which is being washed out. Washing is continued until 
the test is negative. 

It should be remembered that filtration and washing must be completed 
during a single session, because otherwise the precipitate dries and cracks 
and becomes impossible to wash. 


§ 31. Drying and Ignition of Precipitates 


The funnel containing the washed 


rv 



Fip. 21. Electric drying oven uiili 
ihernnorogulator 


precipitate is covered with a piece 
of filter paper (not ashless), mois- 
tened with distilled water.* 

The paper projecting beyond the 
rim of the funnel is pressed firmly 
against the outside of the funnel 
and torn off. This forms a close- 
fitting lid which protects the precip- 
itate against dust, currents of air, 
etc. The funnel with the precipitate 
is then put for 20-30 minutes into 
a drying oven at about 90-105® C 
(not any higher, because the paper 
would be charred and fall to pieces 
when taken out of the funnel). 

Electric drying ovens (Fig. 21) 
arc generally used in laboratories. 
The lower part of the oven con- 
tains several heating coils covered 
with a perforated metal sheet. The 
outside of the oven is provided with 
switches for the separate coils so 
that the temperature can be regu- 
lated. An oven fitted with a ther- 


• The student should write his name and the formula of the precipitate on this piece 
of paper in ordinary (not ••indelible”) pencil, so that it can be identified. 
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Fig. 22. Porcelain triangle, and ignition of crucible 


moregulator, which maintains the required temperature automatically, 
is especially convenient. The oven has shelves with holes into which 
the funnels containing the precipitates are inserted. 

Of course, if the precipitate is not ignited on the same day there is no 

need to put it in the drying 
oven, as it will dry at room 
temperature. 

Precipitates are ignited 
in porcelain or platinum 
crucibles. Before the igni- 
tion the weight of the empty 
crucible must be known, 
and it is necessary to be 
sure that this weight will 
not alter during the igni- 
tion. The crucible is there- 
fore first heated to constant 
weight/i.e., until its weight 
ceases to change. 

The crucible is heated 
under the same conditions 
as in the subsequent igni- 
tion of the precipitate; this 
is done in good time, dur- 
ing the preceding stages 
of analysis. A clean and 
absolutely dry crucible is 
put in a porcelain triangle 
resting on a tripod (Fig. 22) . r n 

and heated in the burner flame so that the blue cone of the flame is a 
few millimetres below the bottom of the crucible It will be remem- 
bered that when gas burners are used the air supply must be careful y 
adiusted With excess air the flame may strike back or go out, while 
with a deficiency of air a smoky flame at a low temperature is ob- 

After 15-20 minutes the burner is turned out; the hot crucible is allowed 
to cool in air for 1-2 minutes and then put into a desiccator (Fig. 5) 
for final cooling so that the crucible does not absorb moisture from the 
air and so increase in weight. The desiccator lid is moved sideways (not 
raised upwards) and removed; the crucible is then lifted by means of 
crucible tongs (Fig. 23) into one of the sockets in the porcelain plate of the 
desiccator The lid of the desiccator should not he replaced immediately, 
but only after a few minutes, because otherwise a vacuum is produced and 
the lid is difficult or even impossible to remove. The desiccator with the 
crucible should then be taken to the balance room and left there for at 





Fig. 23. Crucible tongs 


3 - 0001 . 
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least 20-25 minutes to allow the crucible to cool down to the temperature 
of the balance so as to ensure correct weighing. 

The crucible is weighed, the weight is noted down, and the crucible is 
then heated again, cooled in the desiccator, and weighed. If the second 
weighing does not differ from the first by more than 0 0002 g, it may be 
assumed that the weight is now constant. Otherwise the heating and weigh- 
ing is repeated as necessary. 

Of course, all cousecutive weighings, even if their results are the same, 
must he written down in the laboratory note book. Very often it is preferred 



Fig. 24. Muffle furnace Fig. 25. Crucible furnace 


to Ignite precipitates in a special electric furnace and not in a gas burner 
I Ui me Gent-rally enher a muffle furnace (Fig. 24), which can hold from 
1- to 25 crucibles at once, is used, or a crucible furnace (Fig. 25) which 
holds only one crucible and which uses much less electricity. 

High temperatures are usually produced in electric furnaces by means 
of high-resis_tance \sire wound on a ceramic support. Temperatures of the 
order of 800-1.000 C arc attained with the use of Nichrome wire, while 
for temperatures 01 I.100-1.200'> C certain special alloys are used. Instead 
ol metal wire, the so-called sihi rods are also used in electric furnaces; 
temperatures of 1.350-1, 400® C can be reached in silit furnaces. 

Mullle furnaces are connected to the power supply through variable 
lesisiances for regulating the temperature. Some furnaces are fitted with 
automatic devices tor temperature regulation. Of course, if the precipitate 
obtained m analysis is to be ignited in a muffle (or crucible) furnace, the 
empty crucible must be heated in the same furnace. 

ignition 'leclmique. Ignition of Precipitates on the Filter.The filter is taken 
out of the funnel by means of a pointed glass rod (or a dean quill tooth- 
pick). the edges are turned over so that the precipitate is completely sur- 
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rounded by paper, and the filter is placed, tip upwards, in a crucible which 

has been healed to constant weight. 

All these operations must be performed very carefully, so as not to blow 
away and lose any of the precipitate. The filter should be handled by its 
outer surface in the region where it consists of three layers of To 

avoid loss by powdering, it is best to remove the filter from the funnel 

while it is still slightly moist. - . .,i 

The crucible with the precipitate is pul in a triangle on a tripod and heated 
very carefully over a small flame so that the filler first dries completely 
and then chars slowly without catching fire (minute particles of the precip- 
itate may be blown away in a flame). If the paper should catch fire, the 
burner must be removed and the flame allowed to go out (but it must not 
be blown out). When the filter has charred and smoking has ceased, the 
burner flame is gradually increased. Care must be taken not to allow the 
inner blue cone of the flame to touch the bottom of the crucible. 

At this stage, in order to allow better access of air. the crucible should 
be placed in a slanting position in the triangle and turned with the tongs 
from lime to time to allow the carbon deposit on the side ol the crueible 
to burn away, and to convert the filter itself comp-elcly into 
the carbon has burned away the ignition is continued for a further min- 
utes- the crucible is then transferred to a cesiecator. cooled, and weighed. 
To confirm that the chemical changes taking place ounng the ignition 
have been completed, the crucible is ignited again for 15-20 muuites and 

wciched this is repealed to constant weight. . 

When an electric furnace is used, the filter ,s first cl t rred by means of 
a gas burner (or on an electric hot-plaic), and the crucible is put in the 

furnace only when smoking has stopped. - ^ 

Tnmon of PracipUates Separately from the Pi ter. Many precipitates 

are partially reduced by carbon and by products of incomplete combustion 

of iL filler. Therefore, the procedure described above cannot be 

Lr;rib : r:hcc 7 or\Lc/papcr, ,.,0 nucr . ashed ,hc eracihlc. 

Ld tl.e precipitate is then transferred to the crnetblc and ignned. 

In practice this procedure is complicated by the fact that the precipitate 
cannot brremoved completely from the filter. The par. which remains 
on the filler becomes reduced when the filter is ashe^ Therefore, befoie the 
mam bulk of the precipitate is put into the crucible, the contents ot the 
latter must be converted back into the required compound by means of 
suitable reagents. For example, the part of an AgCl precipiiatc which has 
been reduce^d to metallic silver by the carbon in the filler is treated with 
a few drops of HNO^ and HCI. The following reactions then take place; 


Ag • 2 HNO 3 - AgNOa r H,0 + NO,t 
AgNO^-t HCI - iAgCl 4 HNO 3 
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The excess acids are removed by evaporation, the remaining part of the 
precipitate is transferred to the crucible and carefully ignited.* 

These complications can usually be avoided if ignition is replaced by 
drying of the precipitate to constant weight. In such cases a glass filter 
crucible (p. 107) is used instead of a paper filter. Of course, the filter crucible 
must first be brought to constant weight at the same temperature. 

This procedure is sometimes advantageous also because a more convenient 
weighed form can be obtained. For example, if a CaC^jO^ ‘H .O precipitate 
is ignited, the weighed form obtained is CaO, which is difficult to weigh 
accurately because it absorbs water vapour and CO^ from the air. Ignition 
may be replaced by drying of the precipitate (at a lower temperature) 
to constant weight in a glass filter crucible. The weighed form is then not 
calcium oxide but calcium oxalate CaC.O, -H.O which is free from the 
above-mentioned properties and also has a higher molecular weight. 

Another reason why it is preferable to dry AgCl precipitates to constant 
weight is that unless care is taken the precipitates partially decompose 
during ignition. This risk is avoided if AgCI is dried. 


§ 32. Calculation of Gravimetric Results 

In analysis by the precipitation method the substance weighed is usually 
not the substance the amount of which is to be determined, but an equivalent 
amount of another substance— the weighed form. For example, in deter- 
mination of barium in barium chloride the substance weighed is not 
barium element but its compound, BaSOj, obtained in the course of 
analysis. Similarly, CaO or CaC^O, HjO is weighed in determination 
of calcium. Mg^P^O, in determination of magnesium, etc. 

Therefore, at the end of a determination it is necessary to calculate the 
amount of substance which is to be determined from the amount of the 
woiglied form (found from the difference between the constant weights 
of the crucible with precipitate and the empty crucible). 

All such calculations are performed by proportion, which may be repre- 
sented in the following general form: 



a : .V 


Merc -Af.i 


is the molecular (or atomic) weight of the substance (or element) 
being determined: 

is the molecular weight of the weighed form; 
is the weight o! the weiglied form found by analysis. 


• Or. more correctly, he.ilcd 


to fusion (.AgCl decomposes on stronger heating). 
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Examples. The weigh, of an AgCI precipitate is 0 1290 g; find the amount of chlorme. 
By proportion: AgCl : Cl 

143-3 : 35-46 
0-1290 :x 

;t = 0 1290X- = 0-03193 g ■ 

Similarly, to find the weight of magnesium corresponding to an Mg,P,0, procp- 
itatc weighing 0-3515 g, we write: 

Mg,P;0, ; 2Mg 
222-6 : 2x24-32 

0-3515 : A- 

a = 0 3515 = 0 07681 8 

If it was required to f.nd the weigh, of MgSO. ■ 7H,0 which gives 0-3515 g Mg T.O.. 

we would have the proportion: 

MgoPnO, is obtained from 2MgSO, 7H;0 

222-6 : 2x246-5 

0-3515 : A 

2 ■/ 246-5 f. _ 

X « 0-3515 = 0-7782 g 


1 cV.i-\vu that X the required amount of substance (or 
cleltoldnTaclermincd ‘is 

T‘-i'’‘e:ds'’:n'';hrwI:;rt'of".he ^rigln^ri satp'le. The other' fnc.or, 
which dtp - ^ molecular (or atomic) weight of the substance 

however the ratio f molecular weight of the prccp.t.ue 

or U. snmp. we.h. - is a ™n.nnt 

^ri^p" - .he c. ,„r,or 

and is represented by the symbol F. Therefore 


X ~ aF 


( 1 ) 


Of course Fis constant only if neither the weighed form nor the substance' 
Ofeourse 7^ I cd. For example, no matter how many times 

being from the weight of an Mg.P.O, precipitate 

iTeTeighTof the preeipilale found by analysis must always be muli.phcd 
by the same ratio: 


_2Mg_ 

Mg*P*0, 


2x24-32 
" 222 - 6 


0-2185 
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However, if we wanted to find the amount of MgSO, • 7H^O in an analysed 
substance, the conversion factor would evidently be different, namely: 

2(MgS0,-7H,0) 2x246-5 

Mg.P-Oj 222-6 “ ^ 

The student must firmly grasp that for calculation of the conversion 
factor: 

1. The molecular (or atomic) weight of the substance (or element) being 
determined must be divided by the molecular weight of the weighed form, 
i.e.. 

c _ Ma 


2. The molecular (or atomic) weights must be taken with the appropriate 
coefficient.-! to make them equivalent to each other; i.e., so that they contain 
equal numbers of atoms of the element in question. 

In the examples given above, in calculations of F the atomic weight of 
Mg (or the molecular weight of MgSO^ .7H.O) had to be doubled, because 
the Mg^P ;.07 molecule contains two Mg atoms. 

It is easy to understand the physical meaning of the conversion factor* 
we need only put <2 = I in Formula (1). Then .v = F. Therefore, the con- 
version factor represents the number of grams of the substance (or element) 
being determined which corresponds to 1 g of the weighed form. 

Conversion factors (and the corresponding logarithms) for the most 
important gravimetric determinations are given in chemical reference 
books. Conversion factors make calculations much simpler; this is espe- 
cially important for industrial laboratory work, where numerous deter- 
minations of the same elements are carried out. 

However, students learning quantitative analysis should not use tables, 
but should calculate the conversion factors independently. 

In analytical instruction a student often has to find the absolute weight 
of a particular element, in grams, contained in a given solution. In such 
cases the analytical calculation is reduced to multiplication of the weight 
of the precipitate found by the appropriate conversion factor. 

In analyses of practical importance, on the other hand, usually the per- 
centage content of some clement (or compound) in a given substance is 
required, rather than the absolute content. Therefore, if the required percent- 
age is denoted by p and the weight of substance taken by g, we can write: 
^ Srams of original substance contains aF g of the substance sought; 
100 grams of original substance contains p of the substance sought 



aFx 100 

g 


O' 

/ 0 



It must be remembered that, since the weight of the precipitate is found 
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to four significant figures, the conversion factor and all the analytical 

results must also be taken to four significant figures (§ 15). 

Tables of four-figure logarithms and anlilogarithms (given at the end 

of this book) should be used for the calculations. 

§ 33. Taking the Sample 

Ahnve we discussed all the most important and characteristic operations 

to see that the sample must no be etther^^^ be obtained, and it would be 

case a large amount o p P . samole is too small, the inevitable 
impossible to wash ^ 

errors in weighing and Other ana y P ^^alysis is diminished. 

age of the final result, and P . • macroanalysis the optimum amount 

Id.!.., "*VZ;CT..~r!h. 

It has already been the approximate quantitative 

position of the analysed j^t^rmined is known.Therefore.it is usually 

Tsibtt cS r; most suitable sample wetght. These calculations 
L illustrated by the following examples. 

Exanrp/e /. Find the weigh, of atunn. KAUSO.t, .2H.O. which should be taken 

for determination ' "jrOHi which is bulky and relatively difficult 

to’nuefoh anTwtlh^, we s'L'’uid'aim at the minimum amouni of the weighed form (0- 1 g). 
By proportion; 

2x474 g KAUSO,); 12H:0 gives 102 g ALOj 
jt g KAUSOi); I2H.O gives 0 1 g AKOj 


X ~ 


102 


100 


I . rx/x c».n«e in trvinn to weigh out the exact amount of substance as 

f ‘LlcuTtion ^-his ^L'culatSn fs only rLgh. and should be performed approx,- 

found itself, of course, must be performed accurately. 

mately<§ h . ^ ^tof B-16 babbitt which should be taken for determination 

of urPb^^nUn^as P^0..1r by the GOST (U.S.S.R. Standard) the lead content of this 
babbitt grade is 65-67%. 
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Solution. First we calculate the amount of metallic lead which gives the optimum weight 
of PbS 04 precipitate. As this precipitate is crystalline, we have the proportion: 

207 g Pb gives 303-0 g PbSO* 

JT g Pb gives 0-5 g PbSQ^ 


X = 


207x0-5 

303 


From the average Pb content (66%) of this alloy we now calculate the weight of alloy 
O’) which contains the required weight of lead (x): 

66 g Pb is contained in 100 g of alloy 

AT g Pb is contained in y g of alloy 

lOO.t 207y0-5:100 200x0-5x100 

^ 66 “ 66x303 ^ 70x300 ^ ® 


How precisely should the sample be weighed? Evidently the error in this 
operation should not exceed the permissible error of the determination as 
a whole. Since the latter error is usually some tenths of 1%, we may assume 
that the error in weighing the sample must not exceed 0-1 It follows that 
small samples should be weighed on an analytical balance to the fourth 
decimal place. Larger samples (about 10 g or more) may be weighed on a 
technical balance to within 0 01 g. 

The sample is weighed on a watch glass, or in a weighing bottle, test tube, 
etc. 

Technique of Sample Weighing. Firsl Methoii An empty watch glass (or 
weighing bottle) is weighed first; the required amount of substance to be 
analysed is then pul on it and it is weighed again. Tlie difference between 
the two weigiiings is the weight of the sample. The weighed sample is 
carcliilly translerred into a beaker (or flask) where it is to be dissolved; any 
graifiN icmaining on the glass are rinsed down with a jet of water from 
a wash bottle (or brushed down with a fine brush). 

Scinml Method. The required amount of substance is placed on a watch 
glass and weighed. The substance is then carefully tipped out into a beaker 
ami the glass w ith residual grains is weighed asain.The difference between the 
two weighings is the weight of the sample. This method is especially conven- 
ient il several samples of the same substance have to be taken. A test tube 
(or weighing bottle) is filled with enough substance for all the samples, and 
these are then weighed out one after the other; each weiahed portion is 

lipped out into a prepared vessel and the tube with the remaining substance 
IS weighed each time. 


§ 34. Dissolution. Fusion 

When a sample has been weighed out. it is dissolved (or decomposed). 

The usual solvents are water, acids (or acid mixtures), alkalies, or oxidising 
agents. ^ 


§ 34. Dissolution. Fusion 
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If the substance under investigation is soluble in water, it is dissolved m 
water- the solution is acidified if extensive hydrolysis is expected. If the sub- 
stance is insoluble in water, other solvents are used, or fusion may be nvc^s- 
sar^C^f cou se the solvent must be chosen beforehand with the aid of 
quali^esu which must be guided both by the o , e com 

pounds formed and by the nature of the reaction caused by the particular 

'' For example, if a lead alloy has to be "Uric and not hydro^^^^^^ 

ric or sulphuric acid should be used, because PbSO. f ^Cl, are spa ng^ 

aS, x^u; 

the solvent is chosen. For examp , convenient to dissolve them 

■"“,l‘‘V7s'V:Xsr.."X:;i^y’:iX“^^ forming A.O - and 
ZnO ' - tons) go into solution, while such alloy components as Mg Cu. 

Crete remain undissolvcd and can easily be separated o ^ 

i;uhe\amV^ wa^, when sulphur is determinc^^^^^^ 

HNO, could be "'i^-suiph is to be separated in the form of 

to be used for the deurmii • . . j oxidises H .S. is inadmissible and 

H,S gas, (or H .SO,). Conversely, 

the iron (or steel) sample ■ BaSO nitric acid must be used 

cssrc? » ». 

but HC! or H.SO, cannot be used. u ^ o\c\ mav bo 

evolved and < y , I jjssoiyjng must be performed very carcfull) . 
of the must be covered w,th a watch 

thcbe.il<cr ^ ,„,o the beaker 

® nf' of^wamr from a wash bottle when the dissolution is complete. It 
The subXnce is dissolved in a flask, a funnel is inserted in >ts neck to reta.n 

‘‘"n/rXsr'it is not always possible to find a suitable solvent. Somclin.es 
.he substance has to be fuse?.! (or sintered) with suitable fluxes to decompose 
it and to bring into solution the component which is to be determined^ 
Fushin Xdnees new compounds which, unlike the original substance, may 
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be soluble in water or in acids. Various fluxes are used, depending on the 
chemical nature of the substance analysed. For example, the acid-insoluble 
modification of AI2O3 can be fused with either alkaline or acidic fluxes, 
because of its amphoteric character, in order to convert it into a soluble 
form. 

In the former case AI2O3 is fused with caustic soda, when the following 
reaction takes place: 

Al 203 + 2 Na 0 H = 2NaAI02+H20 

In the latter case the flux used is KHSO^. The following reactions take 
place in the fusion: 

6KHSO^ = SK^SO^+SHaO+SSOa 
AI2O3+3SO3 = AUCSOJj 
AI 2 O 3 + 6 KHSOJ = Al2(S0j)3+3K2S04+3H20 t 

Silicates, wliich are usually salts of various polysilicic acids of the general 
formula mSiO^ -/iH.O, are fused with a mixture of Na.,C03 and K2CO3 
to bring them into solution. It is an advantage to use a mixture of these com- 
pounds rather than either one singly, because mixtures melt at lower 
temperatures than pure substances. 

The effect of fusion is to replace the acidic oxide SiOj in the silicate by 
CO.>. However, since many of the carbonates so formed readily decompose 
at high temperatures, metal oxides and the silicates of potassium and so- 
dium are usually obtained instead.* 

Insoluble sulphates such as BaSO^, SrSO^. and CaS04 are also fused 
with Na2C03 and K2CO3 to convert them into carbonates. 

When such substances as Cr^Oj or chrome iron ore (FeO-Cr-vOa) have 
to be dissolved, oxidising fluxes should be used to convert the Cr^” into 
Cr . Fluxes used for this purpose include a mixture of Na,CO<. and NaNO, 
sodium peroxide Na.^O^, etc. 

Crucibles made of various materials are used for fusion. Platinum cru- 
cibles arc the most resistant; they are widely used, especially for fusing sil- 
icates. It must be remembered, however, that alkalies and oxidising fluxes 
attack platinum, and some metals form alloys with it (p. 42 ). This restricts 
the uses of platinum crucibles. Instead, silver crucibles are used for fusion 
with alkaline fluxes, and nickel or iron for fusion with oxidising fluxes. 

Of course, part of the crucible material passes into solution as the result 
of fusion. 


or hvdmnnorir,nHl?io? °f silicate is to boil then, with a mixture 

ride. SiFp ^ sulphuric acids, when silicon is removed as gaseous silicon fluo- 

2KAlSi,Os+24HF+4H,SO, = K3SO,+AI,(SOP3+ f eSiF^+ieH.O 


§ 35. Separaiion of Ions in Qnaniitafive Analysis^ 
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For fusion, a weighed sample of >he -bs.ancc is --d^^horoughly^wh^ 

about 5 times its own weight ® very slowly and cautiously, 

with a lid, and heated. At H-t the 1-ti^ 

because on strong heating the minutes the heating is intensified 

or vapours evolved. After When the fusion is complete, 

and the crucible contents contents are then leached 

r, s^;:r:,Tirr'E?;s T.» >. - " 

be suitably “hoirserL of ^rations, different .n d.ffcrcnt 

preparation includLS a '^h solution to increase its concentration 

cases. They include evapor hNO-,). neutralisation of acids and 

or to remove interfering acid ^ precipitation, addition of corn- 

adjustment of the pH to aic Finally, if the difficulties caused 

plexing agents to rnask cannot be resolved cither by suitable 

by the such ions are previously separated. Sepa- 

adjustment of pH or by m both in qualitative and m quan- 

ration of ions is discussed in detail, 

titative analysis, and it must thcrciorc 

§ 35. Separation of Ions in Quantitative Analysis 

'^re used in quantitative analysis. 
Various methods of ton ^‘^P j- jbesc methods. 

Let us consider the an^alysis.cheniical methods are usually 

CWcu/Mc<Wr.As m qu^hu_^^._^ ^^y ^unds 

based on precipitauon of separated from them remain in solution, 

while the ions which are to b hashed, and the ions arc thus separated. 
The precipitate is f^tered o complicated in quantitative than 

In practice, this °Pf X" e,s In quXative detection of a particular ion 
in qualitative analysis. r separation it is only necessary to obtain the 
in the in quantitative analysis the separation should be 

reactions for that i , difficult to achieve. . 

complete, which is Tiuch ^ washed in qualitative analysis the 

For example, when a p filtrate is investigated. In quanti- 

washings are usually rej determined remains in solution, it is evident 

tative analysis, if the ion tbe filtrate. The washings must be 

that the analysis cannot b discarded there 

would be a . jbey must be concentrated by evaporation, 

way are too must he performed differently in quantitative analysis. 

-r^;;;;rnux is necessary in order to make the ruction as complete as possible. 
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basin and boil it on a wire gauze; such boiling is quite inadmissible in quan- 
titative analysis, because it causes inevitable losses due to splashing. There- 
fore, in quantitative analysis a water bath must be used for evaporation. 

The water bath (Fig. 26, a) is a metallic vessel with one or several openings 
(closed by lids of different diameters) for the basins. It contains water which 
is heated to boiling by gas burners or by electricity. 

When a basin with solution is placed in a nest of the water bath, the so- 
lution is heated by steam to nearly 100®C, but cannot boil. Therefore, although 
the evaporation is somewhat slower, it is quiet and there is no risk of any 



Fiy. 26. Water bath (a) and automatic constant level device (/>) 


loss. Care must be taken that the bath docs not boil dry and that all free nests 

are covered. Baths with a constant level device, like that shown in Fiu. 26, 

are especially convenient. The principle of the device is clear^from 

Fig. 26, h. Water flows slowly from the tap into the bath all the time, and 
the excess runs to waste. 

Coprecipitation effects cause particularly serious difficulties in quanti- 
tative separation of ions. Therefore, all available steps to diminish coprccip- 
itation should he taken. As was pointed out in § 27 and § 28, in many 
cases coprecipitation can be diminished considerablv by correct choice of 
precipitation conditions, such as the sequence and 'rate of addition of the 
solutions, temperature, concentration, etc. However, in most cases suffi- 
ciently pure precipitates cannot be obtained by sincle precipitation ; therefore, 
in quantitattve separations it is very often necessary to use reprecipitation 

(p. 104). Ofcoursc. this considerably lengthens the lime needed for the analy- 
sis because, firstly, precipitation, filtration, and washing all have to be done 
twice, and secondly, the substances remaining in solution are contained 
in a larger volume, obtained by combination of both filtrates and the corre- 
sponding washings. 

It is therefore evident that ion separation in quantitative analysis is a very 
lengthy and laborious operation. Therefore, it is used only if ii is absolutely 
necessary, i.e., when no suitable, sufficiently specific, and convenient precip- 
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[««. ...ibbl. .nd ch. In, « ", 

'^szzi ■„ 

most commonly used for mn j 

Inorganic ‘tVscnIraU -"-r salts of weak 

in gravimetnc ,he former, sulplmles (salts of hydrogen 

notThfextremely low solubilit.es of many sulphides. They are 
We shou d note the '=stremuy istherefore possible to 

the least ^o'^b'e compounds of b .-on^entrations of the corre- 

precipitate sulphides oUh^se ^ co^inclv soluble compounds arc not precip- 

spondingcations at which other p* 2 - . j«anv sulphides are formed in 

itated. Because of or certain 

presence of masking " nrescncc of tartaric acid in solution prevents 

salts. For example, whereas the pre hvdroxidcs the sulphides of these 

precipitation of iron The precipitation of these sulphides 

metals are precipitated in its pre^ of excess CN " ions in solution. On the 
is prevented only by ^etfsta^^ complex (CdfCN).)- " 

with CN- ions, is precipitated copper and cadmium. 

KCN; this is used .n s':, Aphides differ very 

The fact that the solob' PW P of ,|,is, i, is possible to separate 

greatly is extremely as sulphides, with suitable regulation 

d.Tferent metal cations by P^^ P m^live analysis the sulphides of 

of the solution pH. P ^ by hydrogen sulphide in acid solution at 

Groups IV and V are prtc^ ^ „.iL/hlre,® as their solubility products 
pH = 0-5, I.e., at (H ] - f, ,^^ 5 , On the other hand, the Group 
are very low (of the order oi ,5 are precipitated by hydrogen 

111 sulphides (SP of the order oMO ,P pH . 9). Analo- 

sulphide " n quantitative analysis ; for example, to separate 

gous methods are often u«d q iron, etc. By regulat- 

copper, bismuth, tin and o .^^bon of sulphides we can also effect 

ing the solution acid ty P ^/belonging to the same analytical group, 
quantitative separation o t separated quantitatively 

For example, P^^'^f ”, 0 n HCl arsenic can be separated from tin and 
from iron; in presence ui iv 

antimony, etc. . easily oxidised (usually to free sulphur) 

It is known that H ;S ^ent. it follows that when sulphides 

rg:n'’tMn'’clui:ngTargf amounts of Fe - - these ions are previously re- 
duced to Fe ^ by means of SO^. 
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In addition to sulphide formation, precipitation of various cations in the 
form of insoluble hydroxides h widely used for ion separation in quantitative 
analysis. The separation is based either on the amphoteric character of 
certain ions, or on solubility differences between various hydroxides. To 
separate iron from vanadium, molybdenum and aluminium, the solution 
is treated with excess caustic alkali. The non-amphoteric ferric hydroxide 
is precipitated whereas the other above-mentioned metals remain in solu- 
tion in the form of anions (VO^", MoO^“, and A102~) because their 
hydroxides are acidic or amphoteric. 

It was shown in § 22 that differences of hydroxide solubility can be uti- 
lised for separating cations, by adjustment of the solution pH. For example, 
it was shown that the solution must be alkaline (pH^ll-3) for complete 
precipitation of magnesium hydroxide (SP = 5x 10“^-), the far less sol- 
uble ferric hydroxide Fe(OH)3 (SP = 3-8x10“^®) is precipitated almost 
completely even in moderately acid solution (pH^3'5). Aluminium hy- 
droxide A1(0H)3 (SP = l’9x 10"^“) is also precipitated in acid solution (at 
pH -T 5). Accordingly, in analysis of many ores, slags, limestones, etc., 
aluminium and iron are separated from magnesium, calcium, and certain 
other bivalent elements by precipitation as the hydroxides Al(OH)3 and 
Fc(OH);,. The precipitation is effected by the action of weak bases, such 
as a solution of ammonia, NH,OH, in presence of an ammonium salt 
which suppresses the dissociation of NH,OH and therefore lowers the solu- 
tion pH so much that the solubility products of the bivalent-metal hydrox- 
ides are not reached. Instead of NH,OH, a solution of pyridine (C5H.N) 
is also used; this is a weak base which makes the solution pH about 6-5. 

Sometimes hydroxides arc also precipitated by addition of a suspension 
of a sparingly soluble hydroxide, such as zinc hydroxide. It follows from 
the solubility product rule that any given hydroxide precipitates all hydrox- 
ides less soluble than itself, but not any that are more soluble. 

Precipitation with ammonium hydroxide docs not give precise separation 
of the ions, because this reagent usually contains some ammonium carbo- 
nate (NH,).C03 as an impurity; this precipitates certain bivalent cations, 
such as Ca ■' ’ , which should remain in solution. Moreover, some Al(OH)3 
dissolves in excess NH,OH to form aluminate (AlOo” ions). Precipitation 
by suspensions of metal hydroxides is free from these disadvantages, and 
that is one of the reasons for its use. 

In addition to these methods, and for the same reasons, it is sometimes 
preferred to separate cations by precipitation of some of them as hydroxides 
or basic salts formed by hydrolysis. For example, in analysis of various 
ores, slags, certain alloys, and similar materials Fe"^ ^ ' and A1 ions 
are sometimes precipitated by the action of sodium acetate on a previously 
neutralised boiling solution. In the case of Fc^ ^ + the reaction is 

Fe ^ : 3CH,,COO ^2H ,0 = Fe(OH),CH 3 COO + 2CH3COOH 

Basic aluminium acetate, Al(OH).CH3COO, is precipitated together with 
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Fe(OH) 2 CH 3 COO. If the solution contains PO^ , this is also precipi- 

toste^'^of °odfum amate, salts of other weak acids, such as ammonium 
benzoate C H-COONH., etc., are often used in hydrolytic precipitation. 
ThereU also thl method: mentioned on p. 63. for hydrolytic precipitation 
of AI+ + in presence of Fe^ - by the reaction: 

2A1+ + + +3S.,03“ - + 3 H 2 O = i2Al(OH)3+US-3SOo 
certain other are 

andtfu^litatfve'^norganic analysis was the Russian scientist M. A. 

M8S5 19411 who proposed (in 1884) the use of the organic compound 

r£! i cVi.;r. tiriss- £ 

r Tvears since tLl time an enormous number of valuable 

of more than 5 y qualitati\e and quantitative 

organic main reason for the gro^ving use of 

analysis has been oractice is that they have a number of advan- 

coniDounds formed by the action of organic reagents very often 
have JxtremeTf^w solubility in water, so that solubility losses can be avoided 

2 '’'S:preapi"adon irm^'h^iess pronounced with organic than with in- 
organic have high molecular weights. Therefore 

1 °''®'“?r.esTf the elements to be determined in the precipitates formed 

the precipitants. Consequently, if such a procip- 

hTteTthe’ weighed foJnl the'conv!-rsion factor is relatively small and thc 

precision is Jj'S'’" ' , ^ ^ reagents arc often intensely coloured. 

Thls^m^^s it possible" m detLt. an/ to determine colorime.rieally. 

The reamTons which tak“p"a« wUh organic reagents belong to various 
The reaction • ,„„„i comnlexcs is of particular interest in analysis. 

‘''The ^aUTor'ming^roperties of organic compounds depend on the pre-s- 
f ^/.finite prouDS with acidic properties, such as — COOH, SO^H, 
!!Sh =NOH ^/nH. etc. in their molecules. Under certain 

Editions the hydrogen atoms in these groups can be replaced by metal 
ions. If, in addition to such an acidic group, the organic molecule also 
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contains a complex-forming groups which can act as a b'gand for a given 
cation, then the latter, in replacing the hydrogen atom in the acidic group, 
can also form co-ordination bonds with the complex-forming group. Salts 
formed in this manner are known as internal complexes. 

One of the simplest examples of an internal complex is the copper 
salt of aminoacetic acid (glycine), 


NH,— CH 


^OH 


Its structure* is 


O 

II 

H,C-C— 


o 

II 


O. / O—C— CH, 

\Cu/ I ^ 

\ 


HoN 


NH 


The Cu ion in this compound has all the properties of a fully co-ordi- 
nated ion. 

The compound of Ni + with dimethylglyoxime is also an internal 
complex. Its formation may be represented by the following equation: 


CH3— C=NOH 

! 

CH3— C = NOH 

dimeih^lj^lyozfme 


-f Ni + + = 


CH3— C=NO. / ON=C— CH3 

^Ni; 

/ \ 

CH3— C=NOH HON=C— CHa 

dim eihjiglyo lime nickel mU 


-{- 2H+ 


This equation shows that, in addition to replacing two hydrogen atoms 
in =NOH groups of two dimethylglyoxime molecules, the Ni'^'*' ion 
also forms co-ordination bonds with nitrogen atoms in two more such 

groups. Therefore, the =NOH groups are simultaneously acidic and 
complex-forming. 

It follows from these examples that molecules of internal-complex salts 
have a cyclic (ring) structure. As in the examples considered above, they 
usually have five- or six-membered rings, which are very stable. In general. 


* Arrows in the formula represent co-ordination valence bonds. 
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internal-complex salts have Ion- sotubiliiies in na,er, are brightly coloured, 

and have very low degrees of dissociation. 
fit is especially important that individual properties of cations which 
are not manifested in normal salt formation are often very pronounced 
in formation of internal complexes. This is a factor in the specific action 

°^Urfound Xaf Ni + " forms characteristic precipitates, in most cases 
red not only with dimelhylglyoxime but also with certain other organic 
compounds (dioxlmes) containing the following grouping m their molecules. 

= NOH 


— C=NOH 

This is therefore a specific group for the Ni - ^ ion; its presence is re- 
spon ib e for the formation of insoluble and intensely coloured compounds 
w^?h Ni^ Other groups are specific for other cations. For example, the 

group 


HO NOH 

is specific for Cu+-^: the group 

S=C-NH-C = 


is specific foj' Ag ’ , determines the reactivity of a particular 

The presence of a spec fte g ot p 

organic reagent Its a^lyt_^j>l ™ 

the depends to a considerable extent on the other atomic 

ofspeciftcaction c pend^^ specific group. Therefore, the properties 

ra“particular magent can often be considerably improved and its sensitivity 

or specificity ^^^^"S^ed'unr^^ conditions: in panic 

Organic ‘J'„“pH. The reason for this is easy to see. 

ular, at ^ ^ ^ internal-complex salts are formed hydrogen 

It was of are replaced by metal ions; hydro- 

atonis in the acid g ^ ^ for example, in the above 

gen Pg reTction between Ni^^ + and dimcthylglyoximc. Clearly, 

equation for the reaction oei^ concentration, i.e., on the 

the ^ylglyoximc, like other similar organic reagents, be- 

solution pH. D fore, everything that was said about the signif- 

haves like i.atio; of sparingly soluble salts of weak acids 

;r77) mufa'pl^^^^^ He‘;e again, if the solubility product 

of\he mec Pita?e and the acidic dissociation constant of the reagent are 
known, we can calculate the pH at which precipitation is complete. 

9 - 6001 . 
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When Ni + + is precipitated with dimethylglyoxime, as in other precip- 
itations of internal complexes, H ions accumulate in solution and must 
be removed in order to displace the reaction equilibrium to the right. There- 
fore, it would seem that the higher the solution pH the more complete is 
the precipitation. In practice, however, we have to take into account certain 
side reactions which might make an excessive increase of pH disadvantageous. 
For example, compounds formed by the reagent with other cations present 
in solution might be precipitated. In the case of cations which form ampho- 
teric hydroxides increase of pH would convert them into the corresponding 
anions, such as AlO.,", Mo 04 "~, etc., and precipitation of the internal 
complex might become impossible. Finally, organic prccipitants are often 
used in presence of various masking agents, such as tartaric acid, the action 
of which also depends on the solution pH. 

For ail these reasons, there is usually an upper as well as a lower pH 
limit in the use of organic precipitates. For example, the pH in precipita- 
tion of Ni ' ' with dimethylglyoxime should be between 5 and 10. 

Most organic prccipitants are sparingly soluble in water. Therefore, they 
often have to be used in the form of solutions in alcohol, acetone, and 
other non-aqueous solvents. However, the presence of these solvents during 
precipitation raises the solubility of the precipitates so that the precipitation 
is less complete. Therefore, a large excess of precipitant should be avoided. 

Finally, let us consider a few of the commonest organic prccipitants. 

Dimethylglyo.xime. The structural formula of dimethylglyoxime was 
given earlier (p. 128). This compound is a very important reagent for detec- 
tion and determination of Ni'^’ and for separation of nickel from other 
cations. Dimethylglyoxime also forms a red but soluble complex compound 
with Fe ■ ■ and with certain other cations. 

Hyilroxyqitinolme C^H^ON, also known as “oxine” (the correct name 
is 8'hydroxyquinolinc) has the following structure; 



Hydroxyquinolinc is amphoteric. The presence of a hydroxyl group in 
the benzene nucleus confers acidic properties on it, while its basic properties 
are due to the presence of a tertiary nitrogen atom.* 

It precipitates a large number of different cations, which replace the 


• A nitrogen atom is said to be tertiary if all its three valence bonds arc attached 
to other atoms or radicals, as in tertiary amines such as (CHdaN. (CjH5)3N. etc. The 
basic properties of hydroxyqumoline make it capable of forming salts with acids such 
as CHaCOOH. Therefore, although it is sparingly soluble in water, it is much more 
soluble in presence of CH^COOH. 
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hydrogen atoms in its hydroxyl groups and also form co-ordination bonds 
with its nitrogen atoms. This may be represented as follows: 


y S-O 

/ ^ 

\m y 


Me/rt 




Here n (the cation charge) shows that the metal cation is combined 
not with one but with n univalent hydroxyqumoline radicals 

Although hydroxyquinoline forms insoluble internal complexes with 
larg nunfber of difTe^nt cations, the solubility products o^hese complexes 
^ rK.»tu/i-pn I0-‘2 and according to A. K.. BabKO), 

s^thaTurfy arc precipitated at different pH values, the pH ranges in which 
precipitation of certain metal complexes with hydroxyqumoline is prac- 

tically complete are given below. 

Mcal Petit Cult Motv Alttt Titv Zntt Cdtt Mg.t 

pH 3-12 3-14 4-7 4-10 5-10 5-13 5-14 8-13 

iTHrcVmram and tlK mag^s^ complex is then precipitated. 
,s added to the ’ hydroxyquinoline, in addition to adjustment 

of nVlo'a dIFin ™ lu comptx-?o™ers which prevent the precipitation 
of pH to a detmite , i ^ . hilc other cations are precip- 

of some cations a e hydroxyquinoline in presence 

itated. For example. forms a stable 

of tartaric ^cid it ts possible to epa ^ 

01 . . _ii from a number of cations (Cu+ Cd-^ /n , 

M^^ " ThFch ar: precipitated by hydroxyquinoline in^its^pr^es^ence^^lt 

is possible such as Fe 

successive y ron, a appropriate adjustment of pH. 

by precipitatio V quinoline the solutions are usually heated. 

In , es arc crystalline and easy to filter off and wash. 

The finTlsla^ct of the determination consist either in drying and weighing 

Uie nmcin tated hydroxyquinoline complex, which should have a composi- 
he precipitatea ny yq precipitation was 

tion “P° r '"„® i ' ition and weighing of the metal oxide 

performed cor of,en dissolved in HCl and the detcrmi- 

iFatTon is completed by titration of the solution with KBrO, solution in 

presence of KBr (see p. 360). 
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Cupferron C 3 H 3 O. 2 N 3 is the ammonium salt of nitrosophenylhydroxyl- 
amine and has the following structural formula; 



ONH, 

This reagent precipitates internal complexes of a number of metals. 
The metal cation replaces the ammonium in the reagent molecule and also 
forms a co-ordination bond with the nitrogen atom of the — NO group. 
The structure of the metal complexes is therefore represented by the 
formula: 

NO 

N.. ^■‘Me/H 
O 

Originally this reagent was proposed for precipitation of copper, which 
accounts for its name (Kupfer is the German for copper). However, it is now 
used not for determination of copper but for precipitation of other metal 
cations, such as iron, vanadium, zirconium, titanium, tin, tantalum, nio- 
bium, quadrivalent uranium, etc. Accordingly, cupferron is widely used 
in analysis of various ores and alloys containing these metals. 

Many other organic reagents are used in analytical practice. Some of them 
are used in the study of qualitative analysis. We shall not discuss them in 
greater detail here. 

Separation of Ions by Extraction. In addition to the precipitation method 
discussed above, extraction is sometimes used for separating ions in quan- 
titative analysis. In this method a particular component is dissolved out 
of solution by shaking with a water-insoluble organic solvent in which this 
component is more soluble than in water. 

For example, Fe ions are sometimes removed by extraction of FeClj 
from concentrated hydrochloric acid solution with ether. Various thiocy- 
anates, hydroxyquinoline complexes, and similar compounds are also often 
extracted. 

The advantage of extraction over precipitation is that the interfacial area 
is very small. Therefore, adsorption effects, which greatly complicate sepa- 
ration by precipitation, have no significance in extraction. In practice extrac- 
tion is used especially often in colorimetric analysis (p. 405). 

Chromatographic Methods of Separation. Chromatographic methods of 
ion separation have become particularly important in recent years. As is 
well known,* chromatographic analysis was first introduced into science 
in 1903 by the eminent Russian botanist M. S. Tsvei. The method is based 

• Sec V. N. Alcxcyev. Course of Qualitative Chemical Seniimicroanalysis, Gos- 
khimizdat, 1958, §§ 1 and 12. 
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on selective adsorption of various substances or ions by particular adsorb- 
ents. For example, specially prepared (activated) aluminium oxide AlA 
in powder form is pul in a glass tube (Fig. 27) and the solution under inves- 
tigation is passed through this adsorption column. The substance or ion 
which is the most strongly adsorbed is adsorbed first (at the top of the column) 
while less adsorbable substances are adsorbed in lower layers. In this way 
the various components of the solution are separated in space, forming 
separate zones in the column. These zones are usually identified by their 

characteristic colours, which 
is why this method is called 
chromatography. 

Consider the following 
example. If a solution con- 
taining Cu-^ and Co+ 
ions is passed through a 
column containing AKO;,. 
and the column is then 
rinsed through lightly with 
water, a “chromatogram” 
is formed, with two zones 
of different colours: an 
upper pale blue Cu'*’ 
zone, and a lower pink 
Co zone (sec Fig. 27). 

If the substances or ions 

separated are colourless, . 

the chromatoeram is “developed” by means of a suitable reagent. 

For example, if a solution containing the colourless Pb *- ; and Hg ions 

is passed through the column, to reveal the zones a solution of K1 is drawn 
through the column. A yellow PbL zone then appears at the top. with a 

red Hgl. zone below. .v 

For quantitative determination of the individual substances or ions the 

chromatographic column can be taken out of the lube and cut into portions 
containing separate zones. The portions are then treated with suitable 
reagents to dissolve the adsorbed substances, and the solutions arc analysed. 

Alternatively, it is also possible to draw a suitable solvent (for example, 
an acid solution) through the column and to wash out all the zones succes- 
sively; the separate portions of the liquid flowing out of the column are 

collected and analysed. ...... 

In addition to the adsorption chromatography described above, precip- 
itation chromatography is also used. Here the separation of ions in the 
column is based on different solubilities of the compounds which they form 
with a precipitant mixed with the adsorbent; for example, with hydroxy- 
quinoline, cupferron, etc. Zones of less soluble compounds are then formed 
at the top'of the column and zones of more soluble compounds lower down. 


Fig. 27. Chromatographic column, showing separa- 
tion of Cu ^ and Co"^"^ ions; 

; — Bun&cn flask - chromaiographic column wiih adsorbent; 
J - rubber tube;^ - Bunsen flaA; 5 - waier-jet pump 
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Ion-exchange chromatography is especially important in analysis of 
inorganic compounds. Ion exchangers are used as adsorbents in this method. 
Ion exchangers are substances which are insoluble in water and which 
are able to exchange some of their surface ions for ions present 
in solution. They include permutite, which is widely used in technology 
for water softening, sulphonated coal, various synthetic ion-exchange resins, 
etc. Ion exchangers are classified as cation exchangers, which exchange 
cations with solutions, and anion exchangers. 

If a cation exchanger containing e.xchangeable H ~ ions is denoted by RH, 
and the salt present in solution is written as MeA, then cation exchange 
can be represented by the equation: 

RH MeA RMe rHA 
or 

RH I Me^ ^ RMch H ^ (j) 

This process is reversible. Thus, when a solution of a salt is passed through 
a cation-exchange column, its cations (Me ") are adsorbed, and an equiv- 
alent amount ol acid (H’- ions) is released into solution. Conversely, if 
the exchanger in the Me form is now treated with a solution of an acid 

Its H- ions displace the previously adsorbed Me - cations, i.e., the cation 
exchanger is regenerated. 

Analogously, anion exchange can be represented as follows; 

ROH - A 7- RA - OH (2) 

When alkali is passed through the column, the A' anions previously 
adsorbed are replaced by OH ions and the ROH exchanger is regenerated. 

Jon-exchange chromatography has numerous applications in quantitative 
analysis. For example, it is used for increasing the ion concentrations of very 
dilute solutions. Such a solution is passed through an ion-exchange column 

V uw then displaced by a relatively small amount of a 

for'*uriI>tif*^" ^ concentrated solution 

Ion exchangers can be used for determining the concentration of many 
a s in so iitions. The salt solution is passed through a column containing 
a cation exchanger iii the H form; the salt cations are then removed and the 
equualent amount of acid appears in the solution (see Equation 1). The acid 
IS titrated wall alkali, and the amount of the salt (or the corresponding 
cation) in the unknown solution is easily calculated from the result. Cation 
exchangers can also be used for removing Cu * ' . Ni ^ , and other cations 
\vhich interfere with determinations of certain anions (such as PO, - - 

,'i 0 ‘“i passed through a cation-exchange column 

m the Na lorm, which removes Cu ' ■ . Ni - and other cations and re- 
placLS them by Na ions, which do not interfere in the determination. 

on-exchange chromatography is also used for separating certain cations. 

I or example, it is pobsible to use differences between the properties of the 
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corresponding hydroxides ca’^fo^Mchanger which 

and A1+ + + the solution „„ through the column. 

adsorbs these ions, and a qjj,^ whereas aluminium, the hydroxide 

Iron remains in the column as Fe (OHIt wtm 

of which is amphoteric, IS washed out as Aiu,a^ molybdenum, etc. 

used for separating iron ftom zinc, , g ’ J complex forma- 
In other methods of separating cations^ by mn«c^^^g^ 

tlon is used. For ^“"’P'"’ f P^ hlnge column which is then treated with 
ions are adsorbed m a cation stable [Bil,]' complex and are 

KI solution. The Bi^ - " m whde Cu- ^ and Pb- - remain 

washed out of the column in that form, wnne 

cL'be vSby 

of^ “::s ha^= 

rra;h; irr:"uUable‘'’?oranalysis of dilute solutions in absence of 
lonsiderable amounts of extraneous ions. 

questions and problems 
( on §§ 16-35) 

t What arc the principles of .ravimelric dclcrmina.icn ,a) by prccipi.alionl (b, by 

o'i'ihc prccipilalcd and weisbed hsrnrs. Slalc ibc rcnuircmcnls lo which ihcy 

must conform in gravimetric ana y ,h,. mo^t suitable as the precipitated form: 

Which of .he following calcium ^ahs IS me mosl^snilab.c a ^ ^ 

CaSO, • 2H,0 (SP * 6T x lu 

«2-6-10”’)? A,,r\u\ rutOHL etc. suitable as weighed forms? 

4. Arc such compounds as AUOH),. C <OHK ^aCO, more convcnicnl weighed 
Why are they ignited in analysis . wny 

forms than CaO? . • mo p O or as (NH.liPO, 12M0O3. 

5 Phosphorus may be weight of precipitate have the greater effect 

which case 70 “ ^Uon ftr the losfof 1 mg of ihe weighed form, 
on the result? Make the ca ^ ^ Na,CnO. in gravi- 

6. Why If o7HcTsoru‘lion the beller precipitant for Ag + ions? 

■ soluht^^^y prodn. r.e^m US exact and approximate forms. Uluslrale 

“ 7 iTp^r'll"; al cnc//,c,>,„. when can the lal.er be lahen 

"^wL are .He -cs of^.- and nc. - in OOOSl M FeCU solution 

if . 0 20.^ Cl i,,^. _ ,, 0-20 B-ion/lilre. 

Answer: arc ^ 
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10. What is the ionic strength of a solution? Calculate the ionic strength of the follow- 
ing solutions containing in 1 litre; (a) 01 M KCI; (b)0 I MK^O.; (c) 0-1 A/MgSO.: 
(d) 01 M AICI3; (c) 0 01 M KjSO,+0-01 M Al, (SOJ3? 

Answer: (a) 01; (b) 0-3; (c) 0-4; (d) 0-6; (e) 0-18. 

1 1. Calculate the activities of Ca’’" + and Cl " ions in 0-01 M CaCI, solution. 

Answer: aca + - ~ 0 0054 g-ion/litre; aci“ = 0-017 g-ion/litre. 

Hint. To solve this problem, first calculate the ionic strength of the solution, and 
from it find the activity coefficients of the ions from Table 3 {p. 71). 

12. The solubilities of PbSO, and Pbl, are 0 045 g and 0-600 g per litre respectively. 
Calculate the solubility products of these salts. Why has the less soluble salt the greater 
solubility product in this case? Would this be the case for such pairs of salts as PbSO. 
and SrSOj. or Ag-CrO, and AgXjO,? 

Answer: 2-2x10”* and 8-7x10”*; no. 

13. The solubility of AgNO^ is 4-15 g/litre. Calculate its solubility product, taking 
the activity coefficients of the ions into account. 

Answer: SP = 5-4;-: 10 

14. How much is the solubility* of CaCj04 in O-OI M (NH,), C.O, solution less than 
in pure water? 

Answer: (a) About 200 limes by the approximate SP formula; (b) about 78 times with 
the activity coefficients taken into account. 

15. How is the solubility of CaC.O, influenced by the presence of 0-1 M KCI in so- 
lution? 

Answer: The solubility is increased approximately 3-fold. 

16. State the conditions under which a CaCOs solution is (a) unsaturated; (b) saturated; 
fc) supersaturated. How can an unsaturaied solution be made saturated and supersatu- 
rated with respect to CaCO, without addition of the solid salt? 

17. Using the solubility product rule, formulate the conditions in which (a) a precipi- 
tate IS formed; (b) a precipitate is dissolved. 

18- The solubility of CaSO, is 2 g.litre. A saturated calcium sulphate solution is 
mixed with an equal volume of ammonium oxalate solution containing 0-0248 g of 
(Nll|). C.O, per litre. Calculate the product of the Ca ‘ ' and C.Oj” ~ ion concentra- 
tions in the solution and determine whether a precipitate of CaC^Oi is formed. 

Answer: (Ca • ) [C;.0, ] -= 7-5' 10”’. A precipitate is formed. 

19. Use the solubility products of silver chloride and bromide (see Appendix III) 
to find the ditfcrence between the amount of silver remaining in 200 ml of saturated 
solution of each salt. 

.Imu-cr.- 00003.^ g. 

20. Calculate the number of ml of 0-25 M (NH,)jC.O, needed for precipitation of 
Ca from a solution obtained from 0-7 g CaCO^. 

Answer: .About 28 ml (about 42 ml with 50”^ c.xcess). 

21. 1-ind the number of ml of ammonia solution (sp. gr. 0-99), containing 2-5 % NHt 
by weight, which must be taken for precipitation of iron from a solution formed from 1 c 
of (NH,) FetSO,); • I2H2O. 

Answer: About 4-3 ml (about 6 ml with 50“; excess). 


• Numerical values of the solubility products are given in Appendix III. 
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■ ut r (SP 1 xlO"‘") remaining in 200 ml of solution 

whS'B™ ifprS.a.ed^yfn°4u\alen. a.ou„> of H.SO.. Can .he prec,p,u.,o„ be 
regarded as practically complete? 

Answer: About 0 0005 g; no. 

1 1.1-. I ec rtf if under the conditions of Problem — .excess 

hJo "so:-'’- rco'ncen..a..on .o 0-00. .-icn„i.re7 

Answer: 0000005 g. rt -y-jiio aoKO 

. . • <• i.-Arfrrtm 100 ml of a solution containing 0-3398 g AgNUj 

.7 ^1-ofW“cITo>udon -he an,oun, of silver „„ moles, rema.n- 

!ng unprSciptated, and find the percen, age error. 

.dnra’er.- About 3X10- Mi about 15,.. , „ „r 

rrrtr in Problem 24 if 21 ml and not 17 ml ot 

25. What would be the percentage error in Proble 

01 M HCl had been used? 

Answ€f ’ About 0*08 Kf 

26. Wba. is the purpose of using excess prec.p.tant in prec,p,.ation7 Why must not 

the excess be too great? „,,,jded.o SOmlofO-O: ,MC.aCf. 

27. 50mlof0.03 W K.SO, wtoh wa:^50.^ p,ec,pita,cs like CaSO, suitable 

solution. How much CaSO. r^mameu m 

precipitated forms in gravimetric analysis . 

Answer: 00775 g; not suitable. 

spa^.?ng|:^lrtbi:rtd "s. t mnu"enee' s^oTg^nd wb“en K^gh^le 7 
29 Find the pH a. which precipi.anon of AltOH). is practically complete. 

of sparingly soluble salts of orccinilation of Ba— (a) by the action of 

32. Find the pH Vo, if the concentration of the precipitant at 

r7n'rH"rp-;i:^“— 

tio”of?xinf'f”-5^^j'^50';/. excess of ,NH.,.S as prec.pnant. 

the masking agent? When docs pH influence masking. 

Givccxamples. „,^rinitatcs usually change with increasing excess 

35. How a%% excess of precipitant is added for precipitation 

"ofSy^X^.- always valid? 

• I- ,ol^B this problem do not disregard the amount of SO." ' ions entering the 
solution from the CaSO, precipitate. 
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36. What are the aims in providing definite conditions in the formation of crystalline 
precipitates? What are these conditions? In such cases, what is the role of the degree of 
supersaturation of the solution with respect to the precipitated compound ? 

37. Name the processes taking place during the rij^ning of crystalline precipitates. 
Explain why such ripening is advantageous in analysis. 

38. What are colloidal solutions, and why should their formation be prevented in 
analysis? What is coagulation? How is it caused? 

39. In what conditions is precipitation of amorphous precipitates performed? Why 
is it more advantageous to use concentrated solutions? What is achieved by subsequent 
addition of hot water to the solution? 

40. What is coprecipitation? How does it differ from ordinary (chemical) precipi- 
tation of impurities together with a given compound? Why must coprecipitation be pre- 
vented in gravimetric analysis? 

41 . What is the significance of coprecipitation in determination of very small amounts 
("traces”) of various impurities? What is precipitation with a collector? 

42. When Cu++ ions arc present in a solution in a very low concentration they are 
not precipitated by the action of HjS, but if a mercuric salt is added first, CuS is pre- 
cipitated together with HgS. How does HgS act in this case? 

43. What is adsorption? What causes adsorption on the surface? Do crystalline or 
amorphous precipitates adsorb more dissolved substances? What is the explanation? 

44. How docs (a) temperature, (b) the concentration of an adsorbed substance in 
• solution, influence adsorption? How is selective adsorption manifested? What ions are 

adsorbed better than others by a given crystal lattice? What is internal adsorption? 

45. Given that silver acetate is less soluble than silver nitrate, state which of these 
salts gives the purer AgCl precipitate by the action of Cl "ions. 

46. A precipitate of FetOH), was formed (a) in a solution containing excess NaOH; 
(b) in a solution containing excess FcCla. Describe the primary and secondary adsorption 
processes in each case. 

47. Describe how the precipitation of CaC-O, should be performed if it is required 
to diminish adsorption (a) of extraneous cations, (b) of extraneous anions, as much as 
possible. 

48. What is isomorphism? What arc mixed crystals? Give examples. Explain the role 
of isomorphism in coprecipiiation. 

49. In what cases is isomorphous substitution of ions possible in the formation of 
a crystal lattice? 

50. Crystals of KCI and KBr are isomorphous, but KCl and NaCl crystals are not. 
Explain this difference. 

51. Name the various methods used to decrease coprecipitation. What is repreci- 
pitation. and how is it performed? 

.52. What are the aims in washing of precipitates? What are the guiding considerations 
in the choice of a washing liquid? 

53. A precipitate containing 0-3 g CaCO., was washed with 300 ml of water. Assuming 
that equilibrium was reached between the precipitate and the washing liquid, calculate 
the weight of CaCO, dissolved in the process and find the percentage loss of the pre- 
cipitate due to solubility. 

Answer: 00021 g; 0-70'' u- 
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54 Solve Problem 53 for a case ,n which the precpi.a.e was washed wi.h 01 Af 
(NH.)=CO, solutiom 

r Wha. les a pre^iphare m pass .hroosh .he f.her in pro.on.ed washing wi.h 
rr: arX'^hra r:ecan.a.,on^ Wha. are .he adva„.a.es of .h.s 

■" t e:;I.:Cw.:: - wash^ ^ouM .he previous porrion of hr,uid 

be allowed .o drain before .he ne« por..on .s „r 

58 Which is the more effective in washing a precipitate, the 

™ ml each or 10 portions of 10 ml . 

washing liquid of 50 ml each, P gravimetric analysis? What 

59. What is ashless filter paper? What grades 

are the advantages of filter ,,, ,hey ignited sepa- 

60. When are precipitates ignited vMth the 

r ■> whii does it indicate? Calculate the conversion 
61 What is a conversion factor . the weight of BaSO*; (b) the amount 

factors for finding (a) the amount of zinc from the weight of Zn,P,0,. 

of silver from the weight of ^8:^. 

Answer: (a) 0 1373; (b) 0-870 ; (c . jhe amount of BaCU- 2HnO from 

62. Calculate the conversion faclo^ ^ Mg.P-P:: (d) Cr.Oa 

the weight of BaSO.; (b) Ca, (PO.), trom c, , t 

from PbCrO|. i.toi. Ml 0-'>352. 

Answer: (a) 1 047; (b) 1-8 = p'^ecipitation from a solution containing 

63. Find the 6 " AgCl OiSk the accuracy of the ‘^natys.s^by comparing 

0-5000 g of this salt gave 0-4216 b AgCi. to the formula AgNO,. 

the result with the pcrccntag should be taken for determination 

64. What weight o/ Vight of the latter is 0-2 g? 
if iron as ferric oxide PCjU:, n 

Answer: About 0-7 g. ^k«,„ ■>()"' zinc should be taken for determi- 

65. Whatweight of anaUoy crystalline ZnNH.PO,. 

nation of zinc as Zn-r-Uj. i* v 

Answer: About 1 g- ^ 

66. By what considerations is precipitates. Wnte 

67. Name the most ‘"'P.^^'^^Jaking place in the fusion of: (a) AUO, wuh JS^SO,. 

the equations for the J K,CO,; (c) Cr.Oj with a mixture of NaXOj and 

(b) SiO, with a mixture of Na^cui 

KNO3; (d) Cr^O, with ^ necessary? Why is this operation more 

68. When is separation qualitative analysis? 

laborious and comphea inorganic prccipitants used for ion separation, and 

69. Name the most the advantages of organic over inorganic precipitates. 

givccxamplesofthciruse.Wha, cth _ 

70. What are Wsis "Whai variable factors can be used for innucncing 

complex salts arc p^rccipitation in the form of complexes? 

the course o lon applied to ion separation? 

71. What IS _ adsorption chromatography and p^ipitation chroma- 

JaphTwhar^s^hr^^^^^^^^^ or ion^xchange chromatography? How is it used m 

<iuantitativc analysis? 



CHAPTER 111 

EXAMPLES OF GRAVIMETRIC DETERMINATIONS 


§ 36. Determination of Water of Crystallisation in Barium Chloride 

Water of crystallisation is the water forming part of the crystal structure 
of certain substances, known as crystalline hydrates. The contents of such 
water in these hydrates correspond to definite chemical formulas, such as 
BaCL-2Hp; CuS0,.5H,0: Na,SO, - lOH.O; Na,S 04 • 7 H.O, etc. Accord- 
ingly, water of crystallisation is sometimes called stoichiometric water.* 

When a crystalline hydrate is kept in a closed vessel which contains no 
water vapour, it partially decomposes to form the anhydrous substance 
and H^O vapour. However, this continues only until the water-vapour 
pressure in the vessel has reached a value which is constant for the given 
hydrate at that temperature; this is known as the vapour pressure of the 
hydrate. A dynamic equilibrium is then established, for example: 

BaCl, .2H^O BaCL-r 2H;.0 

CuS 04 -5H,0 - CuS04+5H,0 
etc. 

Different hydrates have very different vapour pressures at a given temper- 
ature. For example, at 30® C it is 27 mm HgforGlauber'ssalt Na 2 S 04 • lOHjO. 
12‘5 mm for copper sulphate CuSO., and only 5 mm for barium 
chloride BaCL-2H.^O. Such differences account for the differences in the 
behaviour of crystalline hydrates when exposed to air. If the vapour pres- 
sure of a hydrate is greater than the partial pressure of water vapour in the 
air. the crystals effloresce, i.e., they gradually lose water of crystallisation at 
room temperature. For example, Glauber's salt, washing soda, and similar 
substances effloresce when exposed to air. In contrast, crystalline hydrates 
with low vapour pressures do not effloresce, and some even absorb water 
vapour from the air. For e.xample, the hydrate CaCl, • 2 H 2 O is converted 


* It should be noted that the so-called water of constitution is also stoichiometric. 
As distinct from water of crystallisation, water of constitution is not present as H.O 
molecules but is formed from the H and O atoms present in a substance when it is decom- 
posed by heat, for e.xample: 

2Fe(OH):, = Fe,Oj - 
tl-SO, = SO 3 -HjO 



f J6. De,er,,„„ano„ of W ater ofCrysMisano” in Ba riun^CMor^ 


141 


into the more highly rea^n for^feuse in desiccators 

CaC\,.2HP absorbs water vapour .s the 

and for drying gases. . decompose with liberation of water. 

When heated, crystalline ^ ° jning water of crystallisation m 

This is the basis for the thf present example a weighed 

most crystalline hydrate by s olatihsation.^^ P^ 

sample of BaCU -2^,0, p. j]) until its weight ceases to change 

at 120-125° C in a drying oven (b'S- 

(i.e., it is dried to ''"'^" unt evidently all the water of crystal- 

When the weight has bi^come c jhu weight loss of the sample. 

lisation has been removed. Its weigh 0 determi- 

The recrysmllised chemically the formula of barium 

chloride. , vvash a weighing bottle thoroughly (see 

§ fird^y'dirte d[;fng o/en and cool for 20 minutes, with the lid off. 

in a desiccator near the balanccv* accurately on an analytical 

Then weigh the bottle ‘°Seihe^ ^ ^ ^ ^ecrysta ■ 

balance, observing all 'be ru ks- P ^ j^e lid, and weigh accurately 

Used Bad, -28., O m the bottle, cove 

again.** . , , v . (r,n a slant) on the weighing bottle, and place 

Drying* Put the lid cdgcwi t drying oven. A piece of paper 

the latter on a under the bottle. Keep the bottle in the oven 

with your name should I’. .y o iiours. _ . 

■' 5r.V5w. «" "rr;.™.... <- ^ » 

of crucible tongs (Fig. jT ' j nj cover it with the lid, and weigh. Rcplact 
20 minutes, take out b<>u‘c and co^^ ^ 

the weighing bottle with about an hour; then cool and weigh 

(not forgetting to open the liU) 

it again. . • same result as the first, or does not 

If the second "^/o-0002 g, it may be assumed that practically all 

differ from it by more than 0 removed. 

the water of J drying and weighing, until the weight 

Otherwise, the repealed n-eighings musi be recorded 

becomes constan . ./r/iey are the same. U must be remembered 

m rAe /afeorafory ^ jhing which is not recorded has 
that your instructor cuu^i 

K honk must nol be closed, because il would be difficult or even 

• The hot “ol For more details sec pp. 19-20. . . , a , 

impossible to open whe weigh out the required amount approjumately (14 g) 

•• Itismoreconvemcni hrst to e g ^ analytical balance. 

on a technical balance, and then weign 
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not been done in practice, while constancy of weight is the roost important 
condition for correct analytical results. 

If the work has to be interrupted, leave the weighing bottle in the desic- 
cator. This is convenient because the drying of the substance continues 
owing to absorption of water vapour by calcium chloride. Obviously, drying 
can only occur in a desiccator if the ground-glass joint of the lid is properly 
greased. 

Calculation. Suppose that the following numerical data were obtained 
and recorded in the laboratory note book: 

Weight of bottle with substance 9-5895 g 

Weight of bottle 8*1320 g 

Weight of BaCl, • 2HjO 1 -4575 g 

Weight of bottle with substance after drying 

I 9-3758 g 

II 9-3748 g 

III 9-3749 g 

Rejecting the first weighing (9-3758 g), we find the weight of water of 
crystallisation in the sample: 

_ 9-5895 
9 3748 

0-2147 g 

« 

We now calculate the percentage of water of crystallisation in 
Bad, -2^,0: 


1-4575 g of substance contains 0-2147 g H.O 
100 g of subr'ance contains y g H.O 

0-2147x100 

1-4575 

The tables of four-figure logarithms and antilogarilhms (Appendices 
IX and X) are used for the calculation: 

log 0-2147 = 1-3318 
l og 100 »= 2 00 00 

Sum 1-3318 

log 1 4575 0-1636 

Difference = log >- = 1 1682 and y = 14*73% 

Checking the Precision of the Determination. As a check, compare the 
result with the theoretically calculated percentage content of H.^O in 
Bad. • 2HiO. Since one gram-molecule (244 3 g) of BaCI^ • 211^0 contains two 
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gram-molecules or 36 03 g of Hp, we have the following proport.on.* 

244-3 g BaCl2-2H:0 coniams 36-03 g H;0 

100 g BaCl.-2H;0 contains x g H.O 

36-03 X 100 


X — 


244-3 


= 14-75% 


- ^A■^V' — 14•75^. = — 0-02%. The relative error 

The absolute error is 14 73 ,o « 

is therefore _(-0 02 )xiOO 

^0 14-75 

This error is easily 

n^xceed in mh^-ordl only results between 14-70 and .4-80% 

are acceptable. 

§ 37. Determination of Hygroscopic Water 

Soiid substances adsorb “on ftom smtino: 

r ictatr^lh^n^rnt':^^^^^^^^^^^ -ter cannot be represented in the 

‘"'’subswnces of very ‘“''8^ *^‘'^pp,37a“nce"of Hygroscopic 

of water while „ ^I'^h water vapour in the air. It is therefore 

water is in dynamic nqu.hbr urn with wat 

partially removed from “ n,jiative determinaiion of water can be 

More complete removal an q determination ol water ol 

achieved by a method smt.lar o h^^^^ ,05-130 «C. 

crystallisation; the f ‘’sta'ice ts dned to 

The weighing bottle used for substance (about 2-5 g) 

and weighed. An average s P„- ,3qO(^ constant weight. The amount 

is weighed out drw loss. The result 

°s exp®re°ssed as a f a cor^^ 

of hygroscopic water, but also ,/,or in this method is 

volatile constituents An atmospheric oxygen on heating. The loss 

oxidation of the substan , ^ ■ ^^^P^^pond to the true content of hygro- 

icoptc waier' TWs'happens in analysis of many organic substances such 
“ A"°hl; already teen stated, the amount of hygroscopic moisture in a 

?lrr„ ^ 'ram-nlClSlTrumSwe ,s taWen as 36-03 a and no. 36 a 
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substance is not constant but depends on temperature and atmospheric 
humidity. Variations in the content of hygroscopic water must evidently 
influence the percentage contents of all the other constituents of a substance. 
Therefore, analytical results for substances containing appreciable amounts 
of hygroscopic water are recalculated for the absolutely dry substance 
in order to eliminate variations of composition with moisture content. 

For example, suppose that a substance contains />% of a certain element 
and /i% of hygroscopic water. The amount of dry substance in 100 g of 
the material is obviously (100-//) g; therefore, we can write: 

( 1 00 - A) g of dry substance contains /> g of the element 
100 g of dry substance contains a: g of the element 

100 

Therefore, to recalculate for the absolutely dry substance the percentage 
{p) of the element found experimentally must be multiplied by 

100 ^ 

■|00-/j 


§ 38. Determination of Barium in Barium Chloride 


The Ba " ion forms a number of sparingly soluble salts, such as BaCOa, 
BaCAt. BaHPO,, BaCrO,,. BaSO.,, etc. The least soluble of them is barium 
sulphate BaSO., (SP= 1*1 • 10 so that this compound is the most conven- 
ient precipitated form for barium determination. The composition of BaS 04 
is not changed by ignition, so that this compound is also the weighed form. 
The composition of BaSO, corresponds strictly to its formula and it is very 
stable chemically, flowever. BaSO, precipitates have a strong tendency 
to form very small crystals which sometimes pass through the filter pores 
and complicate the work. Therefore, special care must be taken in precipi- 
tation to make the conditions favourable for formation of fairly coarse- 
grained precipitates. 

Tiie most vital of these conditions is slow addition of the precipitant 
which is also essential in obtaining the purer BaSO^ precipitate (§ 27). 

To avoid errors due to coprecipitation of the precipitant itself, the latter 
should for preference be volatile (§17). Therefore. Ba ’ ‘ is precipitated 
by the action of sulphuric acid rather than sulphates. The reaction is: 

BaCI. H.SO, ; BaSO, r-2HCl 


The free acid can be used as the precipitant in this case because BaS 04 , 
being sparingly soluble sail of a strong acid, is practically insoluble in acids. 
However, it was pointed out in § 20 that its solubility nevertheless increases 
somewhat in presence of H ‘ ions.* It is known that in precipitation of 


* The solubiliiy of b.'irium sulphate in I N hydrochloric acid’ is 20 times its solubility 
in ssLMcr. 
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crystalline substance this increase of solubility is an advantage, because 
the degree of supersaturation of the solution with respect of the precip- 
itated substance is decreased and the crystals deposited are larger. 

To intensify this favourable influence of H+ ions, a small amount of 

HCl is added to the solution in precipitation of . r 

Rise of the solution temperature has a similar effect to addition ot HCL 
Of course, the increased solubility of BaSO, due to addition of HC! or 
heating must be lowered again at the end of the precipitation by addition 

of a suitable excess of precipitant (§ 19). u .u • , 

Before starting the analysis, carefully read through all the instructions 

and find what vessels are required, and how many. The vessels must be 

washed thoroughly beforehand. The crucible in which the precipitate is 

to be ignited must be brought to constant weight during the preparatory 

stages of the analysis (p. 113). , . i c i 

The Determination. Weighing and Dissolving the Samp e. Barium 

^ulnhate nrecipitates are crystalline; therefore, the precipitate should weigh 

att 0 sTJnle reaction one gram-molecule (233*4 g) of BaSO, is formed 

?ro: on/ gram-molecule (2^-3 g) ^ etci ‘'2H o" 

weights are nearly equal in this case, about 0*5 g of BaCl.i-2H.O should 

be taken to obtain 0’5 g of BaSO,. . . , , , ■ u 

Weiah a clean and dry watch glass on the analytical balance. Weigh out 

roS thfrequired amount (0-4-0-6 g) of Baa,.2Hp onto u on a 

technical balance, and then weigh the glass and substance together accu 

ratdy on t^ balance. Subtract the weight o the watch gla^ 

from^the accurate total weight and thus find the weight of BaClo-2H..O 

‘^Transfer the sample quantitatively into a 200-300 ml beaker with a 
lip and dissolve it in water. To do this, tip the substance into the beaker 
from the tilted watch glass, taking care not to have any blown away, and 
then rinse in the remaining particles with a jet of water from a wash bottle. 
Add enough water to make the total volume of liquid in the beaker 80- 

'°°PrZ]pilalion. Add 3-5 ml of 2 N HCl to this solution, and heat it on 
a eauze nearly to boiling (but do not allow it to boil because drops of 
linnid mav be^ost with steam bubbles escaping from the beaker). At the 
sa^e tlT^ heat to boiling about 3-5 ml of 2N H, SO diluted with 30 ml 
of distilled water in another beaker (or flask).* Then add the hot H, SO, 
solu on very sMy drop by drop to the hot BaCl, solution, stirring the 
latter with a glass rod. Avoid touching the bottom and sides of the beaker 
with the rod as otherwise the precipitate will cling firmly to the glass. 
Remember that the rod must not he taken out of the beaker because particles 

of nrecinitate adhering to it would be lost. 

As the precipitation proceeds, the H,SO, can be added rather more 


• Sec p. 65 for calculation of the amount of prccipiUni necessary. 
10 - coot. 
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rapidly. When nearly all the acid (apart from a few drops) has been added, 
cover the beaker with a piece of paper or cardboard to protect the contents 
from dust, with the rod still in the beaker, and leave until the next session 
to allow the precipitate to ripen.* As soon as the BaSO^ has settled to the 
bottom of the beaker, check whether precipitation of Ba + ■*■ is complete. 
To do this, add the last few drops of H 2 SO 4 carefully down the side of the 
beaker to the clear liquid above the precipitate and note whether any tur- 
bidity appears. 

While the precipitate is ageing bring the crucible to constant weight. 

Filtration: Washing the Precipitate. Take a piece of the densest ashless 
filter paper (blue band), 7 cm in diameter, and fit it well into a funnel. 
Put the funnel in a ring on the stand, and decant the liquid down a glass 
rod through the filter into another clean beaker underneath. Follow care- 
fully all the instructions given on pp. 105-06. When no more liquid can be 
poured off the precipitate, check that the filtrate is free from all traces of 

turbidity, and then throw it away.** 

Now wash the precipitate 3-4 times by decantation (p. 110) putting 
20-30 ml of cold distilled water slightly acidified with hydrochloric acid 
(5 ml of 2 N HCl to 100 ml of water) into the beaker each time, and pouring 
it off as completely as possible into the filter. After the last decantation 
transfer the precipitate quantitatively to the filter (p. Ill) very carefully 
(this is the most critical point in the work) and wash it with cold distilled 
water to remove Cl”. Continue the washing until a portion of the filtrate, 
collected in a test tube and acidified slightly with HNO 3 , no longer becomes 
turbid on addition of AgN 03 (formation of AgCl) or of Hg 2 (N 03)2 (forma- 
tion of Hg.jCL). 

Drying and Igniting the Precipitate. Partially dry the filter with the washed 
precipitate,*** put it together with the precipitate into the weighed crucible, 
and ignite the precipitate. The technique of these operations is described in 
detail on p. 112, et seq. Continue the ignition for 20-25 minutes after the con- 
tents of the crucible have become white and the carbon deposit on the sides 
has disappeared. Cool the crucible in a desiccator and weigh. Ignite the 
crucible again for 10-15 minutes, cool, weigh again, etc., to constant weight. 

When a BaSO^ precipitate is ignited it is partially reduced to BaS by 
carbon from the filter paper: 

BaS 04 + 2 C = BaS+2C02 t 

• This can be accelerated if the beaker with the precipitate is put on a boiling water 
bath for 2-3 hours. 

•• The easiest way of delecting turbidity is to place the filtrate on a sheet of black 
paper (or on a black painted bench) and to look at it from above while slightly agitating 
the contents of the beaker by smooth circular movements. This causes any precipitate 
which ha.s passed through the filter to collect on the bottom of the beaker, where it can 
easily be seen. If the filtrate is found to be turbid, it must be passed repeatedly through 
the same filter until the filter pores are blocked with precipitate particles and the liquid 
becomes quite clear. 

••• It is best to leave lire filter slightly damp. 
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Barium sulphide 
BaS 04 : 


is subsequently oxidised by atmospheric oxygen to 
BaS+20. = BaSO^ 


When the weight has become constant, this is a sign that the oxidation 
is complete and the precipitate no longer contains BaS. 

Calculation. Suppose that the following numerical data were obtained 

and recorded in the laboratory log-book: 


Weight of glass with Bad, • 2H,0 

Weight of glass 

Weight of BaCI; •2H;0 

Weight ®f crucible with BaSOj. 

1st weighing 
2nd weighing 


Weight of empty crucible. 


1st weighing 
2nd weighing 


Weight of BaSO,: 


11-6877 g 
11-2232 g 
0-464S g 


g 

6-1988 

5-7116 

0-4872 

11-6876 
11 6878 


11-2233 

11-2232 


By proportion; 

233-4 g BaSO, contains 137-4 g Ba 
0-4645 g BaSO, contains x g Ba 

0 4645x137-4 
233^4 

This weight of barium was contained in 0-4872 g of barium chloride. 
Therefore 1 g of the latter contains 

0-4645X 137-4 
■233-4 X 0-4872 


and 100 g contains 100 times as much, or 

0-4645x137-4x100 


y = 


_ . % Ba in BaCU • 2H-.0 
233-4x0 4872 * 

Now calculate log y by logarithms (Appendix IX): 


log 0-4645 = 1-6670 
log 137-4 = 2-1380 
log 100 =• 2-0000 


Sum 


3-8050 


3-8050 

2-0558 


log y = 1-7492 


log 233-4 = 2-3681 
log 0-4872 = r-6877 


Sum 


2-0558 


10 ‘ - 
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Use the antilogarithm tables (Appendix X) to find the number corre- 
sponding to this logarithm (1*7492); 

>. = 56*13% 

Of course, the calculation could be done in another way, by using the 
table of conversion factors F, which contains the following data; 


Determined Found Factor F* 

Ba BaSO* 0-5885 


log F** 
76972 


The calculation is then continued by Formula (2) in § 32. 

Checking the Determination. To check the determination, compare the 
percentage of barium found with the value corresponding to the formula 

BaCl2-2H20. 

By proportion: 


244-3 g BaClj*2H.O conuins 137*4 g Ba 
100 g BaCl;*2H.O contains x g Ba 



137-4x100 

244-3 


= 56-24% 


The absolute error in this case is: 

56 13-56-24 =--0 11% 


Now find the relative error, which is: 



(- 0 n)xioo 

56-24 


— 0 * 20 % 


§ 39. Determination of Sulphur in Sulphuric Acid Solution 

A method similar to that described above is used for determining sul- 
phur in sulphuric acid solutions, soluble sulphates, and any materials con- 
taining sulphur which can be oxidised to SO^“ These include various 
sulphide ores of iron, copper, arsenic, etc. Let us consider the simplest 
case, the determination of sulphur in sulphuric acid solution. 

The Determination. Pul the solution of H2SO4 to be analysed in a thoroughly 
washed beaker, dilute it to about 100 ml, add 5 ml of 2 N HCl, and heat 
nearly to boiling. Precipitate SO,' - from the hot solution by addition 


• The conversion factor /-'(see § 32) shows how many grams of the element (or com- 
pound) being determined correspond to I g of precipitate. 

In this case: 

U7-4 
^ " 233-4 

•• The fis'e-figurc manlissac of log Fare given in this column. 
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1 1 o he “„f a:::! f 

rubsequent procedures are dre same^as in^ - U 'added 

difference being . „ ': esDecially important in this case 

drop by drop to the jherwise much BaCI^ is taken down with 

rp^'ec?;i.atT'^rBacfi:n;n.vola.il^ result would then be too high. 

Calculation. This is done by proportion. 

233-4 g BaSO, conuins 32-07 g S 
a g BaSO, contains J 


g S 


jt = ax 


32-07 

233-4 


g 


where u is the we.ght of BaSO, precip.tate and ^”3“^ is the conversion 

factor f* j ♦oirtc unknown wcicht of H •S04» ihc 

As the “"f 'f be calculated in this case. Nehher is it 

§ 40 Determination of Chlorine in Barium Chloride 

The least -luble chJoride^W-Mo^e^ th,s . in ^i^ 

chlorine is determined gray AgNO, on heating in pres- 

solutions. Cl IS ,he precipitate being left to stand for several 

hourst'crniple^c Jhe coagulation. The precipitate is washed with water 

containing HNO, for the forn,a,ion of metallic silver; the 

In daylight AgCl deco-npo ^s ^ y,, 

precipitate becomes first further work. Blackening indi- 

a sign that the -.jon of AgCI and is inadmissible. Therefore, 

cates considerable ^‘^^compo 

care must be taken tha P P Ugh,, u is best to surround 

and docs not ccntnui fo 1,3,^ for settling with black paper. Silver 

the beaker containing inc p P Ueated. Therefore, it must be 

chloride also 'Jffon can be avoided by drying the precipitate 

ignited with great care. Ignition «n be a^^^ fiL-rs cannot be used in 

to constant weight a collected in glass filter crucibles, 

that case, and the prtc pi calculate (do this) from the reaction 

eq^bonX^Lbout 0-26 g of BaCV2H,0 should be taken to give about 

0-3 g of AgC. Q , f distilled water and heat 

„e“r(buV^o^TuUeMorlt."n another vessel heat nearly to boiling 
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a previously calculated volume* of 0-1 M AgNOg solution acidified with 
I ml of diluted (1 : 1) HNO3. Previously confirm that the HNO3 does 
not give a turbidity with AgNOg, i.e., does not contain Cl Add the AgNOg 
solution to the BaCU solution, continuing gentle heating. 

Pour the AgNOj solution down a glass rod, and then stir the contents 
of the beaker vigorously for several minutes without brushing the 
sides. 


The acid solution, heating and stirring help coagulation of the precipitate 
particles which form large curdy flakes settling rapidly to the bottom of 
the beaker. When this has occurred, stop the heating and test for complete- 
ness of precipitation by adding a few drops of AgNOg solution to the clear 
liquid down the side of the beaker. If turbidity occurs, add a few more 
ml of AgNO^ solution, stir the liquid thoroughly again with the glass rod, 
test for completeness of precipitation, etc. When the precipitation is complete 
cover the beaker (with the rod left in) and leave it in the bench cupboard 
until the next session. It is useful to wrap black paper around the beaker 
to protect it from light. 

The subsequent procedure depends on the filtration method used. 

Filtration Through a Paper Filter. The ashless filter paper should be less 
dense than tliat used for BaSO, (white band). 

At the end of the filtration wash the precipitate by decantation 
.1-4 times w'ith hot water acidified with HN 03(5 ml of 2N solution to 100 ml 
ol water). Then use a glass rod with a rubber tip** to transfer the precipitate 
quantitatively to the filter, and wash at first with water containing HNO 3 
and then with pure water. Continue the washing until the precipitant 
(AgNO.i) has been completely removed, i.e., until a separate portion of the 
filtrate no longer becomes turbid on aildition of HCI. Pul the funnel with 


the washed precipitate in a drying o- and dry it at 100-105° C. 

AgCI. in contrast to BaSO,, must be dried completely, as the precipitate 
must subsequently be removed from the filter. Take care not to let the 
temperature in the drying ovett rise above 105° C, as otherwise the paper 
chars, and disintegrates when taken out of the funnel. 

While tile precipitate is being waslied and dried, ignite a crucible to con- 
stant weight. Since AgC 1 is easily reduced by carbon and products of incotn- 
plele combustion ot the filler, the latter must not be ignited together with 
the precipitate as in determination of Ba " ‘ ; the filter is burnt separately. 
Take the completely dry filter paper and precipitate out of the funnel, and 


transfer the precipitate as completely as 


possible to a sheet of black glazed 


• By the reaction equ.uion. precipitation of 1 gram-molecule (244-3 g) of BaCl- • 2H,0 
takes 2 gram-moiccules of AgN(X.. .As 1 litre ofO-l A/solution contains 0-1 gram-molecule 
of AgNOs, 2 gram-molccules of the latter arc contained in 20 litres or 20.000 ml of solu- 
tion. Use these values for the calculation. T.ikc5-t0inl more than the calculated volume 
of AgNOj for the determination. 

In this case pieces of ashless filler paper must not be used for transferring the pre- 
cipiiutc. 
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paper, squeezing the filter lightly with the fingers. This must be done ver^ 
Lrefully, avoiding loss due to dusting of the precipitate, collect the precipi- 
Ute at one spot with a soft brush and cover it with an inverted funnel or. 

better stilK with ^ black paper cone. ui i * u 

Put the filter with its residual particles of precipitate into a crucible winch 

has been heated to constant weight, and ash it as described on p. 115. The 

small amount of AgCl on the filter is then reduced to metallic silver which 

Tust brconlerte/back into AgCl. Allow the crnc.blc to cool and trc^ 

the precipitate with 3-4 drops of concentrated nitric acid. ^c/ir/c 

/leX (preferab^ on a boiling water bath). The silver dissolves and AgN 03 

'' Pu™ntdrop of concentrated HCl in the crucible and continue to heat 

it very gently umil the contents are quite dry.* Allow tlK- cru^cible to cool, 

wipe hf outside with filter paper, and stand it on another sheet grazed 

Pnnr the AfiCl precipitate which had been previously separated into 

the^ crucible, brushing the last few particles in with a small brush. Then 

nut the crucible in a triangle and ring on the stand, and heat it ven gently 
puUhe cruc Die burner in the hand all the time, until the precipi- 

to melt (AgCl decomposes on stronger heating). Cool the crucible 

in a desiccator Crucible. This determination is much 

Filtration Through ^ of paper for filtration. Be- 

frirarlVlhl a No, 4 filler crucible and insert it tn 

a rubber ring into the neck of a suction flask (see Fig. 19). 

Wasrihe fiber crucible thoroughly, with gentle suction first wi h ho 
dilmc HN 03 ( 5 mlof 2 N solution to 100 ml of water) and then with ho 

* Replace th^filtcr' c?ucible°n“rneck*o7the flask and start the filtration^ 

Af^&ecant t. bttuid^o^ a^^^od j- ^ 

must not be more than with hot water containing HNO, 

TransS-'^the precipitate quantitatively into the filter crucible by means of 
I rubber-lUrped giLs rod and wash it thoroughly first w.th water acd.f.ed 

" Mr°^d'‘o^t'-Tv:;hing^f"st^^^^^^^^^^ the vacuum by opening the tap of 

the flak 4 shut off the water-jet pump, close the water Up. take out the 
the ilask 4, it again at I30°C to constant weight. Find the weight 

o Ag"a frim the difference between the weights of the empty crucible 
and thi crucible with AgCl. The advantage of tins method is obvious. 
Reduction of AgCl by carbon of the filter and decomposition during ig- 

nition arc avoided. 


• that with careless healing the precipitate can easily be spaiicred oui 

of the crSlS so that the analysis must be started again. The safest way is to heat the 

crucible on a water bath. 
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Calculation. Knowing that one gram-molecule of AgCl contains one gram- 
atom of Cl, calculate the weight of the latter in the AgCl found, and express 
it as a percentage of the weight of BaCU *214.20 taken. Compare the result 
with the theoretical chlorine content of barium chloride calculated from the 
formula BaCl, *214,0. Also find the relative error. 

The sum of” the results obtained in determinations of water of crystal- 
lisation, barium and chlorine in BaCl 2 * 2 H .,0 should evidently be 100%. 
In reality it always differs somewhat from 100% because of inevitable 
analytical errors. With accurate work the difference usually does not 
exceed some tenths of 1%. 

Silver is also determined in solutions of its salts or in alloys by precipi- 
tation as AgCl. In the case of an alloy, a weighed sample is dissolved in 
HNO.„ Ag+ is precipitated with HCl, and the analysis is continued as de- 
scribed above. If excess of precipitant (HC!) is used, the soluble [AgCU]" 
complex may be formed. 


§ 


41. Determination of Iron 


in Ferric Chloride Solution 



For gravimetric determination of Fe in solutions of ferric salts* iron is 
precipitated as Fc(OH)3 by the action of NH4OH: 

FCCI 3 + 3 NH 4 OH = I Fe(OH)3-f3NH4Cl 

Ignition converts Fe(OH )3 into anhydrous ferric o.xide: 

2 Fe(OH )3 = Fe.,034 3H2O 

which is weighed. 

Ferric hydroxide is a typical amorphous precipitate which readily forms 
colloidal solutions. To avoid this, the precipitation must be effected in hot 
solution in presence of a coagulating electrolyte. It should be remembered 
that when solutions of ferric salts are heated they are strongly hydrolysed, 
forming first basic iron salts and then Fe(OH) 3 ; for example: 


FCCI3 r2H20 - Fc(OH)XI+2HCl 
Fe(OH).Cl - H.O “ Fe(OH )3 + HCl 

The slimy precipitate so formed sticks firmly to the bottom and sides of 
the beaker and is very difficult to filter off and wash. Its formation must 
therefore be prevented; this is done by acidifying the solution before it is 
healed. The above equations show that acid is formed as the result of hydrol- 
ysis. Therefore, an increase of the H ion concentration in solution should 
suppress hydrolysis and prevent formation of the precipitate. 


■ * This determination is instructional in character, and provides a good example of 
the formation of amorphous precipitates. In practice, volumetric methods are used 
for determination of iron (§§ 88. 89 and 94) as they are more precise and rapid. 
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Subsequently the acid is neutralised with NH.OH, the ammonium salt 

formed acts as a coagulating electro^ 

h'^^nrlf!frabl be Vc 

tntsr'uS-brmairer amounts ofimpur^ 

&'o“;^errnc':hi:rY;e ‘rC,: during tL‘e ignit.on ’so that some of the 

by carbon from the filter pap . n heating 

oxide FQfii by the reaction 

6Fcp3 = 4Fe30,+ 0, t 

. • «»s/.n Aridifv the solution (containing not more than 

The of 2N HNOj solution and, without diluting w.ih 

0*1 g of iron) with 3 u.impr fKme without allovs'ing the liquid 

water, heat carefully . ^ hot solution until it smells faintly 

to boil. Add 10% ammonm solution to the^bouom ,i,h 

but distinctly bout 100 ml of hot distilled water to diminish ad- 

thc glass rod, again and allow the precipitate to settle 

sorption. Stir t»]f complete precipitation by careful addition 

for 5 niinutcs. Then check ^ once (the alkaline liquid must not be 

refi'for^^n^^Uglh ohime m ^eake. as alkahcs^cx.rac, sil.ca fron. the 
glass and this increases the (white band) 9 cm in diameter, should 

^ P^q^^iUr^atiorD" 

be used for the filtration U • ■ ^jp^cs by decantation with 

the Then transfer the precipitate quantitatively to 

fhe fm^r^ pSes adhe to the beaker and rod should be removed 

with pieces of P^'^J.^ipitate on the filter until Cl' ions have been 

Continue to wash the p pt^ portion of the filtrate, acidified with 

completely If ’ rbidily with AgNO^ [or with Hg,(N 03 ),]. The 

St "tion!fmrafion and washing mus, all be completed during the same 

^“ptuy dry the wa^cd precipUatc and ^ ‘V^Stri^M" S^efutry 

^^'j^Vt^and trSr a sm^ll fl!me so that it does not catch fire. 
Then ash the paper and, gradually increasing the heat, ignite the cruc.ble 
and precipitate to constant weight. 

. adding the ammonia, make sure that the smell comes from the solution and not 
rom the glass rod or the sides of the beaker. 
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Calculation. Having found the weight of the precipitate, calculate its 
iron content. This is done by proportion: 

^FeiO* — 

a — X 


where a is the weight of the precipitate ; Afpeso, ^Fe are the correspond- 
ing molecular and atomic weights. 


Hence: 

where 



2/4 Fe 

A/FeaOj 



As in the determination of S in H2SO4 solutions, the determination should 
be done in duplicate at least to confirm its accuracy. 

A similar method is used for determination of iron in various materials. 
For example, in analysis of iron wire a weighed sample* (about 0*1 g) is 
dissolved with heating in 10-15 ml of 2 N HNO3. The Fe(N03)3 solution 
is analysed as described above. When the amount of iron in the Fe^Os 
precipitate has been found, it is expressed as a percentage of the weight of 
the wire taken. 


§ 42 . Determination of Aluminium in Alum 

Aluminium (Al can be determined in the same way as Fe 

by precipitation with ammonia and subsequent conversion of the Al(OH)3 
precipitate into Al.,03 by ignition. However, this widely used method involves 
considerable complications in practice. Firstly, Al(OH)3 is an amphoteric 
hydroxide and is appreciably soluble in excess NH4OH. Therefore, for com- 
plete precipitation of A 1 the solution pH must be adjusted very precise- 
ly.** Secondly, it is rather difficult to filter off the precipitate and to wash 
out adsorbed impurities. The weighed form (AI2O3) is very hygroscopic 
and special precautions must be taken when the ignited precipitate is cooled 
and weighed. Finally, ammonia precipitates a number of other cations in 
addition to Al ; many cations (such as Co Cu Ni Zn* 
etc.) which are not precipitated by ammonia by themselves are coprecipi- 
tated with aluminium hydroxide and are retained so strongly that a com- 
pletely pure precipitate is not obtained even after reprecipitation. 


• Before the sample is weighed the wire must be cleaned with emery paper to remove 
rust and then rubbed with a piece of filler paper. 

•• The solution must be exactly neutral (pH = 7 ); this can be done by performing the 
precipitation in presence of phenol red indicator, which has an orange colour at this pH. 
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Despite all these disadvantages, this method has been the most usual until 
recentlv The most usual modern method is by precipitation of Ai 
with an organic reagent, 8-hydroxyquinoline (as was noted in § 35). 

The confposition of 8-hydroxyqumoline corresponds to the formula 

N 


OH 

The following reaction takes place when Al + + * is precipitated with 
hydroxyquinoline i 

Al + + + + 3H(QHeNO) = i Al(C,HeNO)3 + 3H + 

The orecipilatc is an internal complex, in which one aluminium atom 
reSes hyXgen atoms of the hydroxyl groups m three hydroxyqumolme 
molecules!^ and® also forms co-ordination bonds with nitrogen atoms. 








N 


/ 


Al/3 


Since the -action ml^es^^ ^^in^uc^ ^^^^ceo 

l^nH ^TlO^Tsi' . iu”p “ed^ ^racf^ce af pH of about 5, attained 

of ammonium or sodium acetate to the acid solution, 
by addition of am of hydroxyquinoline is a crystalline precipitate. 

xuOH Mt is eat to fiber off alid to wash. Ignition converts it into 

Al O Howeve^ it is preferable to dry the precipitate to constant weight 
AiPa. However it as the weighed form A!(C,H,NO):, is not hygroscopic 

insteadofign.tmgit a tnew aluminium than AK 03 does. 

SfviriyTn rhiTcafe'r precipitate® must be collected a glass filter 
•uio tnr riooch cTuciblc) and not in a paper filter. 

""'u was said i^ § 35 that hydroxyquinoline is one of the most important 
It was ‘ 5 , ■ Quantitative analysis. It was first recommended 

?ofrterm n® honTf magnesium by R. Ber^g in 1923, but since then it has 
for aetermma determination of various other elements. 

out a sample of alum KAl (SO,),- 12H,0; 

ihp amniint of Al in it should not exceed 0-05 g. Dissolve it in 100-150 m 

of w^^r” slightly acidify the solution with 2N H^SO, or HCI, add 30 ml 

• ThisTan advantage because experimental errors have less effect on the final result 
than they would if Al,0, is used as the weighed form (see § 17). 
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of the precipitant (solution of 8-hydroxyquinoline in acetic acid*) and heat 
almost to boiling. Then transfer the beaker to a boiling water bath. 

To precipitate AI{CgHj;NO)3 it is necessary to remove the H ions intro- 
duced with the reagent and formed during the reaction. To do this, add 2 N 
CH3COONH., or CH^COONa drop by drop to the solution until persistent 
turbidity appears. Interrupt the addition of 8-hydroxyquinoline for a few 
minutes in order to give the initially amorphous precipitate of the alumin- 
ium complex time to pass into the crystalline form. The rest of the solution 
(50 ml if the A1 content is about 0-05 g) may then be added. 

The solution over the precipitate should be yellow (or orange-yellow), 
indicating an excess of 8-hydroxyquinoline. Let the solution with the pre- 
cipitate stand for 10-15 minutes on the water bath, and then filter through 
a glass filter crucible, which must previously have been washed and dried 
to constant weight at 130® C. The filtration technique is described in § 40. 

Note. Sometimes the filtrate becomes turbid, either because of separation of 8-hydroxy- 
quinoline on cooling, or because of continuing precipitation of Al(C 9 H,NO) 3 , not com- 
pleted at the proper time. Heat the solution to find the cause of the turbidity. If the turbid- 
ity disappears (indicating excess of reagent) it may be ignored. Othenvise the beaker 
with its contents must be kept for some time on the water bath, and the liquid must then 
be filtered again through the same crucible.-. 

Wash the precipitated complex first with a small amount of hot water** 
and then with cold water; continue the washing until the filtrate is quite 
colourless. 

Dry the crucible with the washed precipitate at 130® C (not higher, 
because partial decomposition may occur) to constant weight. 

Calculation. Having found the weight of the Al(CuH(.NO)3 precipitate, 
calciil.ite its aluminium content and express it as a percentage of the alum 
sample taken. Compare the result with the theoretical content of aluminium 
in aiiiin. calculated from the formula KA1(S04)3 • llHjO. 


§ 43. Determination of Calcium in Calcium Carbonate 

I'he substance to be analysed (CaC03) is insoluble in water. Before 
anal> .is a weighed sample must be dissolved in acid; for example: 

CaCO, -r 2HC1 = CaCU > H^O ' CO. 

f or quantitative determination Ca ” ” is precipitated in the form of 
calcium v>xalato CaC;0, -H O (salt of oxiilic acid H.CjOj. A solution 


• ' g of S-hydro\yquinolinc is dissolved in ihe smallest possible amount of glacial 
aeotie acid. 1 he solution is diluted with water u> 100 ml and ammonia is added drop by 
drop to the first appearance of turbidity which is then cleared by a few drops ofCH 3 COOH. 

The solubility of the precipitate in hot water is quite considerable. Therefore, hot 
water can be used for wasliing only as long as a sufficient excess of 8-hydroxyquinoline 
is present. 
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of (NHJAO, is used; this reads with as follosvs^ 

CaCl.,+(NHJA04 + HP= ) CaCA Ht0^2NH,Cl 

. f n H O to form a microcrystalline precipitate 

The tendency of complicates the work. Therefore, 

which observe the most important condition 

i:,rSroroTsufncLmi; coarse-grained precipitates; namely, to pre- 

"'^htis^Thieved by l^edpitaU CaCo', from an acid rather than a 

"ufus'^nsidd^thd occurs in greater detail. Oxalic acid dissociates as 

follows; H .C A 7 - H + -1 HC,0^ ' (first stage) 

HCp'- t: H ■*■ + C, 04 “ - (second stage) 

The respective dissociation constants are: 

tH -KHC A^L ^ 5-9xl0"* 

“ (H.CjO,] 

Ki — 


= 6-4x 10 


-4 


= (HC.O,-) 

• j the result of the second dissocia- 

The CA" ‘^VofThf corresponding constant (K,) shows that this 
tion stage; the value of the solution is acidified 

dissociadon IS relativdy^shghh uc,d (NH,),C,0, are com- 

bired" as HQOV anions and then as 

ca-'^h^ = hca 

HCAi -i H = H A*^4 

Their concentration solution acidity 

-"uairn fanrso much that the solubility product of 

SPcac.o. = lCa 'lAOr- 1 = 2-6"'°-’ 
is not reached and "o P'''^‘^'Pl'^'‘'.i.' lo this acid solution, the 

Eventually, the P/°;|“^/i °‘'p“o"duct"orr^^^ and Ihe hitter 

greater than the ammonia is added drop by drop the 

begins to form. slowly and gradually. Therefore. 

CA“-.ion d" “'T the Le frL a solution very slightly 

the pt®^^ J (he crystals are able to grow sufficiently, 

supersaturaled with 
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The precipitation of Ca ions becomes increasingly complete with 
decrease of the H ions concentration in solution. 

Calculations (pp. 79-80) show that the precipitation is practically 
complete at pH > 3‘3. 

Any further addition of NH.,OH is pointless. To detect the point when 
the solution pH becomes 4 the precipitation should be performed in pres- 
ence of methyl orange indicator, which changes its colour from pink to 
yellow at approximately this pH. 

The CaCjO^ precipitate is appreciably soluble in water, and washing 
it with pure water would result in noticeable loss. Therefore, Cj04 ions 
must be introduced into the washing liquid to lower the solubility of the 
precipitate. 

Removal of Cl~ ions by washing prevents losses due to formation of 
volatile CaCU during ignition of the precipitate. 

The usual weighed form in this determination is calcium oxide CaO, 
formed from CaC^O^'H.O at 900-1,200° C by the reaction: 

CaC204‘H20 CaO+ 100,+ tCO+ tH^O 

The disadvantage of CaO as the weighed form is that it is hygroscopic 
and adsorbs CO., from the air, so that suitable precautions must be taken 
in weighing. Moreover, the percentage content of Ca in CaO (and there- 
fore the conversion factor) is high, which is also a disadvantage (p. 117). 

Because of these disadvantages of CaO as the weighed form, it is some- 
times preferred to convert CaCiOj HoO into CaCOg by ignition at 
about 500^ C or into CaS04 by treatment with H0SO4 solution, with 
subsequent removal of excess acid by careful evaporation and ignition 
of the dry residue. 

The Determination. Weigh out a sample of chemically pure CaCO^* 
calculated to contain about OT g of Ca, into a 300 ml beaker with a lip. 
Put 5-10 ml of distilled water into the beaker and cover it with a watch 
glass to catch drops of liquid splashed out with the gas given off when the 
substance dissolves. Raise the watch glass very slightly and pour HCl 
(1:1) solution drop by drop carefully down the side of the beaker. After 
addition of each drop gently swirl the contents of the beaker by a smooth 
circular movement. 

When all the substance has dissolved, rinse the sprayed liquid from the 
watch glass into the beaker with a jet of water from the wash bottle. Dilute 
the solution with water to about 100 ml and add 5 ml of HCl (1 : 1) solu- 
tion, 35 ml of 0-5 N (NH4)^CjO., solution, and 1-3 drops of methyl orange 
indicator. Heat the liquid to 70-80° C and add 5'^’,, NH,OH solution 
slowly, drop by drop (1-2 drops per second) with continuous stirring. 
Continue the addition until the pink colour disappears.* and then allow 
the precipitate to settle completely (it is best to leave it overnight). 

• The solution turns yellow, but against the background of the white precipitate this 
IS usually seen as decolorisation of the pink solution. 
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Decant the clear liquid thjough^a dense 

n“(NH ) c”o TLtion diluted five- or six-fold with water. Then transfer 
N {NH 4 ) 2 C 2 4 tr> the filler and wash it until almost free of 

Ku's^of tT the ‘pTnfwren about" ^1 of the nitrate, acM.fied whh 

ZL%7'stt Z:r. ZX .JZor weighing the erupt, crucible 

when crucible, put the latter 

Transfer the dried precipua .fand and char the filter over a 

in a triangle ignite the crucible with the precipitate 

small burner flame. very slowly so as to avoid spattering 

^Ttr^r^pitr'b^nS^^^^^^ e^olunon^ of gases (CO. and CO) 

^1S^t.h.belu.n«^ 

Indtat i^he“re ‘to rbout an hour. Then cool the crucible In a desiccator 
and weigh as d^ibed =>h^ half an hour each) until the weight 

beS’r^n'sUntnhtoahes 's”/tni time, because calcium oxalate is a very 

difficult precipitate to in the CaCO. sample in the usual 

Calculation. . ?rn,ula of the precipitate (CaO) and express the 

way from the „ your result with the theoretical percentage 

rom^uToVSirto comp^ound^with the formula CaCO.. 

I 44. Determination of Carbon Dioxide in Calcium Carbonate 

Th,. ro contents of carbonates are determined by the volatilisation meth- 
od a we^ed sLple being treated in a special apparatus with dilute HCI. 

In the case of CaCO. the reaction is: 

CaC 03 + 2 HCl = CaCl . + H .O+COo t 

• A slight opalescence IS hcMng the air contained 

•• When weighing the cru^bl of the bottle alters). Therefore, when putting the 
m the bottle (otherwise the 8 touched only with the tips of the fingers for a 

shorrume! U is tesuo handle the iolde with crucible tongs tipped with pieces of rubber 
tubing. 
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The amount of CO^ given off is found (a) from the loss in weight of the 
apparatus containing the weighed sample (indirect method); (b) from the 
increase in weight of an absorbent, such as soda lime (a mixture of NaOH 
with CaO), due to absorption of the liberated CO2 (direct method). As we 
have already considered indirect methods for determination of volatile 
components in determination of water of crystallisation and of hygroscopic 
water, only the direct method is described here. 

In this method a weighed sample of the carbonate is treated with hydro- 
chloric acid in the conical flask 1 (Fig. 28). Plugged in the neck of this flask 



Ffg. 28. Apparatus for CO 2 determination: 

; — conical flask; 2 — iSropping funnel: i — condenser: — absorption tube; 5,/i — wash bottles; 

d. 7, P, 10 - UMubes: i2 clip; 14 - aspirator bottles 


is a bung through which are inserted a dropping funnel 2 fitted with a long 
tube with its tip bent upwards (so that the liberated CO^ does not enter 
the tube) and a reflux condenser i which condenses most of the steam formed 
when the liquid in the flask is boiled. The top of the dropping funnel is 
closed by a bung through which is inserted an absorption tube 4 containing 
soda lime or ascaritc* (soda asbestos) to remove CO., from the air drawn 
through the apparatus. The top of the condenser is connected to an absorp- 
tion system consisting of a wash bottle 5 with concentrated H0SO4 to 
absorb most of the water vapour leaving the condenser; a U-tube 6 con- 
taining pieces of pumice impregnated with anhydrous copper sulphate** 
for absorption of HCl (and any H^S which may be evolved); a U-tube 7 
with granulated calcium chloride*** to retain the last traces of water 


• Ascaritc is a mixture of asbestos with N:\Oll; it is made by impregnation of fibrous 
asbestos with highly concentrated NaOH solution and drying at 150-180'C. It should 
he ground down to pieces about the si/e of a wheat grain. Ascaritc (or soda lime) is 
contained in the tube 4 between two layers of cotton wool. 

•• This is prepared by impregnation of pumice, crushed to about the size of a wheat 
gram, with saturated CuSO, solution and drying at 150-180'C. The material should 
be kept in a tightly closed vessel. 

••• Commercial calcium chloride is usually contaminated with lime. Ca(OH) 2 . The 
latter absorbs COj and is therefore inadmissible. Therefore, after the tubes have been 
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vapour; and the U-tubes 8 and 9 for absorption of CO,. ^ 

mubes is two-thirds filled with soda lime or ascante, the ^«t of the space 
being filled with granulated calcium chloride. The purpose of the 
is to retain the water vapour formed in the absorption of CO,. 

2NaOH-fCO, = Na,C0,-H,0 

The two tubes 8 and 9 are used to ensure complete absorption of CO,. 
Moreover if the second tube shows a considerable gam in weight during 

£ “==■ :t K 1= 3:g: 

absorb^ are suspended by means of wire from a horrzon.al 

bu^ 

The top of the tube pass through the wash bottle 

K ^he appa;.Ls1s afr-tight .L bubbi.n^g soon stops. 

;/ per second. If t PP j apparatus as described above 

iTof ct n Caco; (or the mineral calcite) on 

weigh out ‘ 8 quantitatively to the flask I. Add enough 

waTer to cover the upturned tip of the funnel tube and attach the flask to 

the apparatus absorption tubes 8 and 9 and take them out 

Now close '>7 7 direct to tube 10 and draw air through 

the whole system ^ s7da lime (or ascarite). The purpose 

which is remov remove CO from the apparatus; it should be carried 

of this operation 1 continue for 15-20 minutes. During this 

out fairly slow > jJ ^ g j^^d 9 on the analytical balance. Before 
time weigh thoroughly with a dry cloth and open their 

the weighing w pe thc>ressure). When air has been drawn 

‘thrL^h fhc 'system for a sufficient time put the weighed tubes 8 and 9 
through the system oontaining soda 

hme ('or ascarite) should be towards the flask. Do not forget to open the 

tube taps. 

irrr-: — r-hinride carbon dioxide is passed through them to convert Ca(OH)t 
filled with calcium c^oridc c by a current of dry air. Other absorbents 

into OCO 3 of water vapour, such as phosphoric anhydride P.Os. 

a^Thytous magnesfum ^rchl^ Mg(C10,). (“anhydrone”) or its hydrated form 

second should pass through the wash bottle II. 

11 - 6001 . 
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Now take the calcium chloride tube 4 out of the funnel 2 and pour 
50 ml of dilute (1 : l)HCl solution into the funnel. Put the tube 4 back into 
the funnel and add acid from the funnel into the flask very slowly (drop 
by drop); CO2 starts to come off at once. Regulate the addition of HCl so 
that not more than 3-4 gas bubbles pass through the wash bottles (5 and 11) 
per second, otherwise some CO2 may escape absorption. 

After all the acid has been added and evolution of COo has slowed down, 
turn on the water in the condenser 3 and start to heat the flask very slowly, 
regulating the heating in accordance with the rate of bubbling through 
the absorbers. Eventually bring the liquid in the flask to the boil and draw 
a slow stream (2-3 bubbles per second) of air free from COg through 
the solution for about 20 minutes by means of the aspirator. Then weigh 
the absorption tubes 8 and 9 again after they have been left for 20 minutes 
near the balance,* proceeding as in the first weighing. 

With correct working the second tube should show very little increase 
in weight. 

Calculation. Add the weight increases of both tubes together to find 
the weight of CO2 given off; express it as a percentage of the sample taken. 
If chemically pure CaCOa was used for the analysis, compare your result 
with the percentage calculated from the formula and find the percentage 
error. 


§ 45. Determination of Magnesium in Magnesium Sulphate 


For quantitative determination, magnesium is precipitated either as 
the double phosphate of magnesium and ammonium, MgNH^PO^'bHoO, 
or as the hydroxyquinoline complex Mg(C.jH6N0)2‘2H20. We shall 
consider only the first of these methods. In this method the PO4 ions 
required to precipitate are added in the form of Na2HP04, and 

NH,'^ ions are introduced with NH,OH. The reaction can be represented 
by the equation: 

MgSO^ ^ Na..HPO,+NH,OH = i Mg NH^PO^-t-NaoSOj + H^O 

When ignited, the precipitate loses ammonia and water and is converted 
into magnesium pyrophosphate Mg2P20,, which is the weighed form: 

2MgNH4P04 = Mg2P..O,4- t 2NH3-f t H.O 
It is known that ammonia is partially dissociated in aqueous solutions: 

NH4OH - NH + -fOH- 


Its dissociation constant is small, namely: 


K = [NH4I [OH-] 
[NH.OH] 


1-79X 10-s 


• The tubes become appreciably warm during the absorption of COj. 
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Nevertheless, the OH - ion “ncentration^due to ilUy 

rOHI whfch'U xIo-'Ma? 25° C). It follows that Mg(OH), 
productof Mg (OH),, wh,chi^^^ compound (MgNH.PO,). 

’’"iH mlkfthe fesult wrong To avoid this, NH.Cl is added durmg 
which ^ he 8 ion with NH.OH, strongly 

the latler We see in Equation (1) that, since 

suppresses h'ssociation of the tt . ^ concentration due to 

is the inc'rease of the numerator, must 

the presence of ana i e of the concentra- 

lead to a corresponding --- NH, - ions 

tion of ions of the ammonia solution, and the 

of the salt combine with OH ions ot t 

so that magnesium rh^uld avoided, as it favours the 

it yields PPs as well ijH po'^prccipitates, they are precipitated 

To obtain good crystalline MgNH.PO, prca^^^ 

from hydrochloric acid jhe HCl is neutralised first, and the 

addition of dilute ammonia formed Different authors recommend 

MgNH.PO, Son Th^^ method described below 

fJ^aTof N.^r'Canayev; h^re the precipitation is performed at 40- 

“^The MgNH,PO. precipitate is appreciably soluble in water. From the 

lMg-]l><HtllFOr-) = 2-5xlO-3 

we have 3 

[Mg - 1 = 1 = [PO. — 1 = = 6-3 X .0 ->A/ 

Therefore, 1 litre of solution contains 6-3x10 ‘Xl37 0 0086 g o 

MgNH.PO. in the jj „iscd still further because of 

In reality this rather h g ^ formation of the more soluble 

extensive hydrolysis of 

MgNH.PO.+H,0 MgHPO.H-NH.OH 

~r;;;;i;;77gi.i.ed, Mg(NH.),(PO.). is Ors. convened into maanesium melaphos- 

Mg(NH.).(PO.). = Mg(PO0.+ 1 4NH,d- f 2H.O 
on further healing the meuphospha.e forms magnesium pyrophosphate and phos- 
phoric anhydride: 2Mg(POJ* = Mg*P*0,+PA 


11 * 
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The following calculation shows the extent of the MgNHjPO* hydrolysis. Phosphoric 
acid dissociates in three stages; the dissociation constants are: 



IH+] [H.PO^-1 
IH,P04 I 


and 


7-5x10-3 


A' = (H + llHPO,--] 
' [HsPO,-] 


e-axio-* 



(H^HPO, ] 

(HPO,--J 


2-2xl0-‘» 


Suppose that the solution pH is 7, i.e., that [H ^ = 10“’ g-ion/litre. Then from 
the equation for we have: 


~ J ^ = 2-2xl0-» 

[HPO*--] [H + ] 10-’ ^^xiu 

This result shows that even in a strictly neutral medium the PO, ion concentra- 

tion is only 0 000002 of the HPO, concentration. It is easy to find (do this) from 
the equation for K, that nearly one half of all the HPO4 — ions formed arc subsequently 
converted into H.PO, “ ions: 

HPO, ““ -I- H.O HjPO,- +OH ” (second hydrolysis stage) 


A similar calculation for pH = 12 shows that the HPO4 — concentration is only 
5 times the POj concentration, and not 500,000 times as at pH = 7. 


This calculation shows that even in neutral solution nearly all the 
MgNHjPO, is converted into MgHP04 and Mg(H^P04)2 as the result 
of hydrolysis, so that the solubility should increase considerably. However, 
the same calculation shows that hydrolysis is very much suppressed by 
increase of the solution pH. Therefore, at the end of the precipitation an 
excess of ammonia solution is added; this acts not only by its OH“ ions 
but also by NH,"^ ions, common with the precipitate. With the same 
object of suppressing hydrolysis and decreasing solubility, dilute NH4OH 
.solution and not pure water is used to wash MgNH.,P04. 

The tendency of MgNH,PO, to form supersaturated solutions must 
be taken into account; accordingly, the precipitate must not be filtered 
off for at least 2-3 hours after formation. 

Ignition of MgNHjPOj precipitates involves certain difficulties. The 
reason is that this is a fairly fusible salt. When it melts it covers unburnt 
carbon panicles and thus protects them from the air, so that complete 
combustion of the carbon becomes impossible. To avoid this, the filter 
should be ashed at the lowest temperature possible. It is easier to bum 
out the carbon if most of the precipitate is first removed from the filter, 
as is diWt in the determination of Cl” in the form of AgCl. Alternatively, 
il the precipitate is dark because of the presence of unburnt carbon, it can 
be treated with a tew drops of HNO3. The excess nitric acid is removed 
by careful evaporation and the precipitate is then ignited. It must be remem- 
bered that great care is needed in both these methods. Careless work may 
result in large losses. 
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TheDetermination. Put an accurately weighed sample of about 0-7-0-9 g 
of crystalline magnesium sulphate MgS04*7H^0 into a 200-300 ml 
beaker and dissolve it in 50-60 ml of water. Acidify the solution with 
5 ml of 2N HCl and add 15-20 ml of previously filtered 7% Na.HPOj solu- 
tion and 10 ml of 2 N NH.,CI solution.* Heat the solution to 40-45® C 
and add 2‘5% ammonia solution rapidly drop by drop,** stirring the liquid 
continuously with a glass rod. When the precipitate which forms begins 
to disappear rather slowly on stirring, slow down the ammonia addition 
to about 4-5 drops per minute. Continue the addition until the solution 
smells of ammonia. Stir the contents of the beaker vigorously all the time 
taking care not to touch the bottom or sides of the beaker with the rod 
(the precipitate sticks to the glass at points of contact) 

When the solution is quite cool add a further 25-30 ml of 10»„ ammonia 
solution to suppress hydrolysis and decrease solubihty of MgNH.PO,, 
and leave for 2-4 hours. Then filter through a medium paper (white 
band) 9 cm in diameter. After all the liquid has been decanted 
from the precipitate wash the latter three times by decantation and then 
transfer it quantitatively to the filter, removing particles sticking to the 
glass with a rubber-tipped glass rod, and wash it with 2 5 ammonia 
solution, in which the precipitate is less soluble than m pure water (see 

above). The washing can be stopped when a hITno t 'J f 

fied with HNO-, *** does not give turbidity with AgNOj or HgoCNOa), (if 
all c7- ions have been removed we can be certain that all other extraneous 
substances such as Na.HPO, have been washed out too). 

When the washing is ended, it is useful to fill the filter with a mixture 
of 4 ml of 33% NH4NO3 and I ml of l®o NH^OH to make subsequent 
ashing easier. When the liquid has drained out 

in its funnel into a drying oven and dry it thoroughly at 100 C Then ash 
the filter separately from the precipitate as described for the determination 
of Cl - fOD 150-51) Remember that the ashing must be performed very 
carefully ai the lo.vest possible temperature otherwise the precipitate on the 
filter would melt and make complete combustion of the carbon impossible. 

When the filter has been ashed, transfer the separated precipitate quan- 
titatively into the crucible and start ignition. As was said earlier, the preeip- 
itate loses water and ammonia and is converted into magnesium pyro- 
Dhosnhate Me P.O,. The liberation of the gases should be asslow as possible 
fo prevent ^^fs of the precipitate; accordingly, the crucible must be heated 
very cautiously at the start. When evolution of ammonia has ceased the 
heating should be intensified. After half an hour of heating over the full 


• If a precipitate forms when the solutions are mixed, it must be dissolved by addi- 

“ i^ molrcoivenic^nt^^^^ done from a burette or a dropping funnel with a tap. 

••• AgCl cannot be precipitated in an ammoniacal solution unless the latter is 

acidified, as it is soluble in ammonia. 
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flame transfer the crucible into a muffle furnace and continue heating it 
to constant weight. 


Note As was said earlier{pp. 114-15) it is possible to perform the i^ition without remov- 
ing the precipitate from the filter. In this case, however, if the precipiUte is more or 1ms 
dark owing to the presence of unburnt carbon, it should be treated in the crucible with 
a few drops of concentrated HNO,. The excess acid is then removed by evaporation Jo 
dryness on a water bath (not on a gauze, because this inevitably leads to serious losses). 
When the precipitate is quite dry it is ignited. The ignition must again be s^^^d 
cautiously, with the crucible high above the flame. The heating is intensified very slowly, 
otherwise the gaseous nitrogen dioxide NO- liberated in the reaction would cause spattering 

This praledure can also be used if the precipitate has been ignited separately from the 
filler but is nevertheless very dark (a faint colour may be ignored, as it has hardly any 
effect on the result). 


Calculation. The result is calculated by proportion: 

Mg.P.O, — 2Mg 
a — X 

MgjPtO, 

where a is the weight in grams of the Mg^P^O, precipitate. 

The percentage of magnesium in the sample is calculated from the weight 
found. If chemically pure magnesium sulphate was taken for analysis, 
the accuracy of the result is checked against the formula MgSO^'THjO. 
Otherwise duplicate determinations are necessary. 


§ 46. Determination of Phosphate in Sodium Phosphate 

The phosphate contents of soluble salts of phosphoric acid, such as 
Na.HPO,- 12H,0,etc., are determined by a method quite analogous to that 
described in the preceding section. The only difference is that the reagent 
used is not sodium phosphate but a specially prepared mixture of MgCU, 
NH^CI, and HCI, known as “magnesia mixture".* 

The Determination. Weigh out accurately about 0 8 gof Na^HP 04 « I2HjO, 
dissolve it in 50-60 ml of water, and add 5 ml of 2 N NH,Cl solution and 
15 ml of magnesia mixture. Now precipitate MgNH 4 p 04 by addition of 
ammonia; this (like all the subsequent operations) is done exactly as in 
the determination of magnesium (sec § 45). The only difference is that, 
to avoid precipitation of Mg(OH),, 10'*o ammonia solution must be added 
at the end of precipitation by small portions to the stirred solution and 
not all at once. 


• To prepare magnesia mixture, dissolve 55 g of MgCl.*6H,0 and 105 g of NH«Cl 
in water and make the volume up to 1 litre with water slightly acidified with HCI. 
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Calculation. Phosphate contents are usually fxpres^d as percentages 
of P2O5. It is evident that one gram-molecule of Mg.P.O-: {222-6 g) corre- 
sponds to one gram-molecule (142-0 g) of PA- F^om this, calculate the 
weight of ?,0, in Mg^P.O, precipitate and express the result as 
a percentage of the weight of Na.HPO.-nH^O taken. As this sal efflo- 
re^s rapidly in air, duplicate determinations are necessary to confirm the 

precision of the analysis. 

§ 47. Determination of Calcinm and Magnesium When Present Together 

For quantitative determination of Mg + + it is precipitated as MgNH.PO, 
in pLencc of ammonia. Under these conditions Ca 

can be dctermmed ^ (NH.i.GA is added. 

ThTs°precfpitates Ca+ - completely but does not precipitate Mg+ - , which 

'“irreality ■"ht'evctapp'JedaW^amounts of magnesium enter the precip- 

itate because of coprecipitation and especially of poslprecipua ion (see 

D 02i Therefore the magnesium content found by analysis is too low, and 
p.102). Iheretore, h avoided by reprecipitation 

of cfcp^P IcSrFor th^t^^ reason the first precipitation of Ca- is 

carried out in a the Mg'*" of the original solution 

was^ from both precipitations ofCa * + . 

iscontamedm he f. Urates ^ Moreover, 

It cannot P . ammonium salts are added during the precipitation 

'^^7’ + CnrLnce of a large excess of ammonium salts a precipitate 

with'he composition of Mg(NH ,),(PO.)r(see p. 163) may be formed instead 

abon^ — 5 mf^f 

dhuMr; 0 Kion .<1 » inir^ t::; 

water to about 200 ml. AddJ^S^^ecipitate Ca-- by slow addition (1-2 

the .. f jil Je (2-5%) ammonia solution until the pink colour 

on^i^i^d indicator turns yellow), stir- 

" Leave the liquid to staL for l>/,-2 hours and then decant the clear 
liq^dd through a dense filter (blue band) and wash the precipitate 2-3 
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times by decantation, taking 20-25 ml of the washing solution* each time, 
and trying not to transfer any of the precipitate to the filter. Collect the 
washings together with the filtrate. 

Dissolve the washed precipitate in HCl as follows. Put the beaker with 
the precipitate under the funnel with the filter paper and pour hot dilute 
HCl (10% hydrochloric acid diluted with twice its own volume of water) 
into the funnel. When the acid has drained through, wash the filter 3-4 
times with hot water** and then add 20 ml of (NH4)2C204 solution to the acid 
liquid. If a precipitate is formed, dissolve it in HCl. Dilute the solution to 
100 ml, heat it, and reprecipilate Ca"^ with ammonia e.xactly as before. 

The precipitate should be left to stand for lVi-2 hours before filtration 
so that the precipitation should be complete. It should not be left for longer, 
otherwise an appreciable amount of magnesium would be coprecipitated. 
The filtration and all subsequent operations are then performed as described 
in § 43. 

Determination of Mg + . Combine the filtrates from the two precipitations 
of calcium with the washings, and evaporate down to 100-120 ml. This 
should be done in a porcelain basin on the water bath (see Fig. 26), but 
not on any account on a gauze, as losses due to splashing would be inevi- 
table. Add 2-3 drops of methyl orange indicator to the solution and then 
acidify with HCl until the indicator changes from yellow to red. Precipitate 
magnesium from this solution in the form of MgNH4P04 as described 
in § 45. Leave to stand for 2-4 hours, filter off the precipitate, and wash 
it 6-8 times with 2*5% NH4OH solution by decantation, taking care not 
to transfer the precipitate to the filter. Then put the beaker with the washed 
precipitate under the filter funnel and dissolve the precipitate in dilute 
(1 : 1) hydrochloric acid. Add the acid drop by drop, wetting the filter 
uniformly. When the precipitate on the filter and in the beaker has dissolved, 
wash the filler 7-8 times with 1% hydrochloric acid and dilute the filtrate 
to about 100 ml. Add 3-5 ml of Na2HP04 solution and repeat the pre- 
cipitation of MgNHjPO, by the action of NH,OH as before. After 
2-4 hours filter off the precipitate, wash it, and complete the determination 
as described in § 45. 

§ 48. Determination of Nickel in Steel 

As already noted (§ 35) nickel is precipitated with an organic reagent, 
dinieihylglyoxime (L. A. Chugayev’s reagent). The reaction results in the 
formation of a bright red crystalline precipitate of the nickel dimethyl- 


• This is prepared by 5-6-fold dilution of 0-5 N (NH,)jC, 04 . 

•• In order ttiat this filter could be used for separation of the precipitate after repre- 
cipiiation of Ca ' * it should be washed once with water containing a little ammonia 
and twice with pure water, and then kept under a piece of paper or a watch glass to 
protect it from dust. 
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glyoxime internal complex (“dimethylglyoximate”). The reaction equation 

is given on p. 128. u-ith the anions formed from 

The presence of H ^ tons, 'vh.ch comb^^ ^he^amo 

dimcthylglyoxime, favours the rc orecipitation depends very 

is dissolved Therefore the “-P^‘-“f,,t'’;rsSc.orii; complete 
much on the example in presence of acetate 

even in a + COONa), which maintains the pH at 

buffer mixture (CH3COOH + C .i orecipitation in presence of 

about 5 . It is even better ,0 complete^ he ^ 

ammonia buffer solution , in strongly acidic and in strongly 

saitiTSi."™” "" 

properties. Its solubility 4^ lO"’ gdon/lit^ This extremely low 

Ni++ ion concentration IS about 4 „cess of precipitant. Further, 

solubility is <ii"'i"'*i’‘=‘',/‘''l ^ J ^ j v^V valuable. Finally, the reaction is 
the fact that the precipitate is is y insoluble precipitates with 

fairly specific. The only other canons >0 g've^ msol^ 

»raly:is."l.l thrs"m:;cerd, methyl .He most valuable 

- ‘’^^i!:^;^is'^aJ:li;:s ust^ m -alysu of mmer^scon^nlnglron,^ 

latter must first be oxidi^scd to rc ' dissolved in acids, form 

which are usually ^^ound the solubility of the nickel 

a water-soluble red complex ^ the precipitation is performed 

dimethylglyoximate precipitate^ mcrca^^^. Ft(OH), precipitates 

isrr-s 

VS7S »v... <■- r- • -■ -« 

precipitated by alkalies. in water is relatively low. It is therefore 

The solubility ofdimeihylg y , tj^n In the former case it must be re- 
used in alcoholic or ammomacal in alcohol at concen- 

membered that the prccipit .Up^volume of the precipitant must be less 
trations above 50 «/„. Therefore. ‘’"™ Jbeing analysed 
than the volume of the aqueou . ^he determination is to filter off 

the precipitate in form is then nickel dimethylglyoximate, 

to constant weight. The weigh formula (C.H,N..O,).Ni. Alternatively, 
which corresponds 

IsTol'^However, this is "er 
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To avoid this, the precipitate must be ignited with good access of air to 
assist rapid combustion of the nickel dimethylglyoximate. 

The Determination. Weigh out a sample of steel containing not more than 
0*03 g of nickel. For example, if the nickel content is 2-3%, the sample 
should be about 1 g, and at higher nickel content it should be correspond- 
ingly less. Larger samples should not be taken because the precipitate is 
very bulky. Put the sample in a 300*400 ml beaker and dissolve it in 25-30 ml 
of dilute (1:1) HCl (in a fume cupboard), heating the beaker on a sand 
bath* or electric hot-plate, and covering it with a watch glass. Continue 
the heating until no more hydrogen bubbles are given off. Then oxidise 
Fe^ + and carbides of nickel, iron, and other metals by careful addition of 
3*5 ml of concentrated HNO3. To do this, take the beaker off the sand bath 
or hot-plate, raise the watch glass slightly on one side, and pour in nitric 
acid in small portions down the side of the beaker. The first additions turn 
the liquid brown and brown nitrous fumes (NO^) are abundantly evolved. 
When the HNO3 has been added heat the solution again until the evolution 
of nitrous fumes ceases. Rinse any drops of solution off the watch glass 
into the beaker with a jet of water from a wash bottle, remove the watch 
glass, and dilute the solution to 120-150 ml with water. Add 5-7 g of 
solid tartaric acid (or 10-15 ml of a 50% solution) to complex the Fe'*’ 
ions. After the tartaric acid has dissolved add ammonia to the solution until 
the smell persists. The solution must remain quite clear, as this shows that 
enough tartaric acid has been added. If the solution becomes turbid on 
addition of ammonia more tartaric acid must be added until it becomes 
clear again. 

Now add dilute HCl to the ammoniacal solution to an acid reaction. 
If a small precipitate is found on the bottom of the beaker, collect it on a 
fast filter paper and wash it several times with hot water, combining the 
washings with the filtrate.** 

Precipitate nickel from the solution as follows. Add 18-20 ml of 1% 
alcoholic dimethylglyoxime solution, heat to 80-90° C, and at once add 
NH jOH solution drop by drop until the liquid smells of ammonia, stirring 
the liquid continuously with a glass rod. As in precipitation of CaC 204 
(p. 157), slow addition of ammonia gives a precipitate with larger crystals. 
The precipitate docs not always settle to the bottom of the beaker but may 
float on top. This does not affect the determination. 

About one hour after the precipitation start the filtration. First, prepare 
(i.c., dry at 110-120°C and weigh) a No. 3 or No. 4 filter crucible. Insert 
it in the neck of a suction flask (see Fig. 19) and connect the flask to a water- 
jet pump. Before the filtration add a few drops of dimethylglyoxime solu- 
tion to the clear liquid above the precipitate to confirm that the precipita- 


• A sand bath is a melal vessel containing sand, heated by gas or electricity. The 
healing can be easily regulated by varying the thickness of the sand layer. 

** The precipitate may contain carbon and silicic, tungstic and niobic acids. 
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tion was complete. Now turn on the wrsht'’gs 

tate to the crucible and wash it t ^ j- Dry the washed 

acidified with HNO3 gives a nega P; j weight of nickel in 

(.C^H^b^202)^^i and the weight of the precipita . 


questions and problems 
(on §§ 36-48) 

consuney of weight ind.ca Uetermined? What arc the possible sources 

4. What is hygroscopic ^ ic water in various subsunces? 

of error in determination ygr hygroscopic water. Its nitrogen content was 

5. A certain substance muogen content of the absolutely dry sub- 

found by analysis to be 4-i5/o. 

stance. 

Answer: S-OO^. 

6. Why is Ba precipi a ■ ■ nf Ba'*' Why is this precipitation per- 

7 . Explain the condiuons for precip.ution of Ba . Why 

formed in presence of H ^ subsequent ignition of the 

8. What happens to BabU* ouru » 

precipitate? ^^,ihles with precipitates, heated 

9. For what purposes are (ai p y 

to constant weight? of sulphuric acid solution if0-2126g 

10. What weight of HiS 04 is soluUon by the action of BaCI, solution . 

of BaSO. is formed from 50 0 U mi u 

^r’'v^y'isl'soiution acidified, heated and stirred vigorously in precipitation of 

AgCl? iiv bceins to pass through the filter and the 

12 . Explain why ^i'r"r,tr ”olorgS washing wi^ pure water. Would this happen 
filtrate becomes turbid alter p 

if AgCl was washed w r ^ ^ 

13. Why must not AgCl be ignueu 

filter crucible in this case. volumes of soluUons made by dilution of 

. ..!^of'^o:r4‘ig'^ C?:rn5rc'f sl'tlons to 1 litre each are mixed? 

Ans<.er : No f,„ic salt acidified before precipitation of iron with ammonia ? 

15. Why IS a so u 10 ^ washed out completely from a Fe(OH), precip- 

i,a«? ” it"^^ 
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1 7. Why must not the precipitate in iron determination be ignited at too high a temper- 
ature? 

18. What are the advantages of the hydroxyquinoline method over precipitation 
with ammonia for determination of aluminium? 

19. In determination of metallic aluminium in bronze, the iron content is first found 
(by a volumetric method). Iron and aluminium are then precipitated with ammonia, 
the precipitate is ignited, and the total weight of Fe-Oa+AUOj is found. The alumin- 
ium content is then calculated as follows. The weight of iron is multiplied by 1'4297 
and the result is subtracted from the total weight of FejOa+Al.Oa; the difference is 
multiplied by 0-5291. What is the significance of the factors T4297 and 0-5291 in this 
case? 

20. Why is it preferable to precipitate (Ta ” as oxalate from acid solution, gradually 
neutralising the acid with ammonia? 

21 . The total weight of calcium in a determination is 01000 g and the error in weighing 
the precipitate is 0 0002 g. What is the percentage error if the weighed form is (a) CzO\ 
(b) CaC;0, H;0? 

Answer: (a) Q (b) 0-05%. 

22. How is CO; in carbonates determined? 

23. The following results were obtained in analysis of calcium carbonate: (a) 0*5493 g 
of CaC-O^ ■ HjO from a sample weighing 0-3768 g; (b) 0-4013 g of CO; from a sample 
weighing 0-9160 g. By how much docs the sum of the percentages of CaO and CO- difTer 
from 100%? 

Answer: By 0-25%. 

24. Why is the precipitation of Mg " • as MgNHjPO, performed in presence of 
NH4CI? Why should a large excess of the latter be avoided? 

25. Why are MgNHiPOj precipitates washed with dilute NH4OH solution rather 
than with pure water? How is it confirmed that the washing is complete? 

26. Why must the filter be ashed separately from a MgNH4P04 precipitate? What 
chemical changes take place in the latter on ignition? 

27. What is the percentage of MgSO, • 7H2O in a crude product if a 0-4285 g sample 
gave 0-1920 g of Mg;P207? 

Answer: 99-3 1 “o. 

28. The following formula is used for calculating the MgO content of cement: 

. , MgO = 

g 

Merc a is the weight of the ignited Mg^P^O, precipitate; g is the weight of cement taken. 
How is the factor 36-23 calculated? 

29. In determination of phosphorus in iron or steel the sample is dissolved in HNO3, 
the phosphi'rus acid which is partially formed is oxidised to phosphoric, and phosphate 
IS precipitated as (NH,)jPO, 12MoO,. The precipitate is filtered off and dissolved in 
ammonia, and motybdic acid is precipitated as PbMo04, from the weight of which the 
phosphorus content is calculated. Calculate the conversion factor for this determination. 

Ans\',er: F = 000703. 

30- \Miy is it neccs.sary to reprecipitate CaC.O, H;0 in determination of in 

presence of Mg ' ' ? Why is the precipitate purer after the second precipitation? 

31. Wliy must ammonia salts be removed from the solution obtained after separation 
of Ca *■ ' before Mg ' ‘ can be precipitated? 
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^7 What weieht of a substance containing iron should be taken in order that the 
percenllS ofTon in it could be found by simple muliiplicat.on of the we.ght of the 

imited Fe-O, precipitate by 100? r . . 

^K-er.'The weight should be numerically equal to the conversion factor. 

f = = 0-6994 

FejO, 

t xMetd «n ft whEt weight of the silicate should b€ 

Ubt^n so"tL?X“-./ MgO cVu'l'rbe found by Multiplying the weigh, of the 
ignited MgjP.O, precipitate by 100? 

Answer: 0-3623 g. , . , r ,• 

34. What properties of nickel dimcthylglyoximate make it very valuable for quant - 

tative determination of Ni’^'*'? 

Whv does the solution pH inHuence the completeness of precipitation of Ni 
wit'h iimeX1?yoLte7 What "are the usual conditions for this prec,p,.at,on ^ 

36, Why does the P-e- J ions^n.erfe^^^^ 

the dimethylglyoximc reaction? How are the re 
the equation f^or this reaction. 

37 Why is tartaric acid added before precipitation of nickel? How can you tell 
whether enough has been added? r 

‘"“’39 P^rermage con.enis of nickel are calculaied from the following formulas: 

(a) M Sing as nickel dimc.hylglyox.maic 


% Ni = 


a X 20-32 
g 


(b) in weighing as NiO 


% Ni = 


ax 78-58 
g 


where n is the weigh, of .he precipitale and g is .he weigh, of Ihe sample uken. How are 
the factors 20-32 and 78-58 derived. 



CHAPTER IV 

VOLUMETRIC ANALYSIS 


§ 49. The Principle of Volumetric Analysis 

Gravimetric analysis is the most precise chemical method of analysis. 
It also has a very wide range of applications, as every element (with isolated 
exceptions) forms insoluble compounds in the form of which it can be deter- 
mined quantitatively by the gravimetric method. 

However, the very serious disadvantage of gravimetric analysis is that 
the determinations are lengthy. At best, the results take several hours to 
obtain; more often the analysis is completed only on the following day. 

Very often such slow analysis does not satisfy practical requirements. 
For example, in chemical control of a particular industrial process (such as 
blast-furnace or open-hearth smelting, etc.) the analytical results are required 
in good time so that the cour.se of the process can be adjusted and faulty 
production prevented. Such timely analysis makes it possible to conduct 
the process in the best way and to obtain a high-quality product. 
Conversely, even the most careful analysis is useless if its results are 
pro\ ided too late. 

Volumetric analysis has an enormous advantage over gravimetric with 
regard to speed. The determinations are more rapid because, instead of 
weighing the reaction product, the volume of a reagent solution required 
for the reaction is measured; the concentration (known as the titre) of this 
solution is accurately known. 

The litre of a solution is usually taken to mean the number of grams of 
substance per I ml of solution. For example, the expression "the titre of the 
H .SO, solution is 0-0049 g/ml” means that each millilitre of this sulphuric 
acid solution contains 0-0049 g H^SO,. The titre is denoted by the letter 
T together with the formula of the substance in question. Thus, in the 
present instance: 

-■= 0 0049 g/ml 

A solution of which the titre is accurately known is described as a stand- 
ard solution. 

In volumetric analysis a standard solution of the reagent is put in a meas- 
uring vessel known as a burette (see Fig. 30) and is then gradually added 
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to the solution to be analysed* until it is found by a suitable method tha 
Ihe amount of reagent which has been added is equivalent to the amount 
of substance being determined. This operation is known as wranon 
ThrvXL of the reagent solution taken for the titration js read off on 

the burette and ^y^ the^known^tiu. 

"nfcr'cTlcZing the amount of substance 

of the etc in analysis there is only 

^"ro^em^iorllia 'ofh-In which usualy takes only a few minutes with 

'’^^i^tric determmauons ^ 

wi. a bur..e«^ 

the difference is so small that it . whenever possible. 

-ust satisfy a number of requirements 

if it is to serve as the basis for titration. 

I 50. Requirements for Reactions Used in Volumetric Analysis 

r. i » „,r.nrfint differences between volumetric and gravimet- 

One of the ™P° reagent is used not in excess but in a quan- 

nc analysis is that in ^ reaction equation and is chemically 

tity Mch exactly Z'^jting ^rntined. It is on equivalence that cal- 
equivalent to the substance f . 

culation of the analytica resu j„ titration to determine the 

It is therefore accuracy 

equivalence because a coloured reagent changes colour 

In some cases this IS acidified with sul- 

oruricaetd isuTrated with KMnO, solution the following reaction takes place: 

IOFeSO,.+2KMnO. 1 8H..SO, = 5Fe,(S0„),+2MnS0. + K.,S0. + 8H,0 

r h Hrnn of KMnO. disappears almost instantaneously 
The colour of each d p f K ^ reduce the intensely coloured 

Ihe sofu°io'rl‘’pa"e°pink; this me-ans that the equivalence point has been 

.he pr-f-e Is^. and .he unknown solution is added from a 

*’“« Otlier' anrmme eTnven'ien. methods for calculating the resulu of volumetric 
dcterminalions arc given in § 56. 
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passed and the titration must be stopped. Thus the titration is ended not 
strictly at the equivalence point, but is slightly “overshot’*; i.e., a slight 
excess of KMnO^ is introduced with the last drop of standard solution. 
This gives rise to a slight titration error. As the standard KMn 04 solution 
is very dilute and the excess is not more than one drop, this error may be 
ignored. 

In titration of chlorides with AgNOa solution 

NaCl-hAgNOj = i AgCl + NaNOa 

addition of standard AgNOj solution can be continued until no more AgCl 
precipitate* is formed. However, it is easier to fix the equivalence point if 
a few drops of K^CrO^ solution are added to the NaCl solution. We know 
that Ag^ ions precipitate both Cl“ and Cr 04 ions. However, the sol- 
ubility of AgCl (1*3 X 10 mole/litre) is considerably lower than the solu- 
bility of Ag_,Cr 04 (7-5.<10“^ mole/litre), so that the solubility product 
of AgCl is reached first, and this compound is deposited in the form of a 
white precipitate. It is only when practically all the Cl ~ ions have been 
precipitated that the solubility product of silver chromate is reached, and 
the latter appears as a brick-red precipitate. The instant at which precipi- 
tation of Ag^CrO, begins an addition of one excess drop of AgNOa solution 
is very easy to establish, because the pure white precipitate turns reddish 
brow n. 

Substances which, like K^CrO,, undergo some easily detected change 
(such as change of colour, precipitation, etc.) during titration and which 
thereby indicate the equivalence point are called indicators. They include 
litmus, phenolphthalein, and methyl orange, which are used in neutralisa- 
tion reactions. 

Indicators, for certain oxidation-reduction and precipitation reactions 
are also known. Various indicators and the mechanism of their action are 
discussed in the different sections on volumetric analysis. Here we must 
merely point out that .suitable indicators arc known for far from every 
reaction. On (he other hand, even when indicators exist they cannot always 
be Li-'ed. Highly coloured or turbid solutions usually cannot be titrated in 
presence of indicators, because colour changes are difficult to distinguish 
in such ca^e'«, 

In Mich cases the equivalence point can sometimes be determined from 
changes in certain physical properties of the solution during titration. Elec- 
trovolunietric methods of analysis are based on this principle. These include 
condnetometric titration, in which the equivalence point is found from the 
elect rical conductance of the solution, and poientiomeiric titration, based 
on measurements of oxidation potentials. 


* lindcr suitable conditions the .-^gCl precipitate coagulates rapidly and the solution 
becomes clear at tlie et|uivalcncc point. This is a very precise method but is less con- 
venient in practice than the mc-thod with the use of K.CrO, which is described here. 


§ 50. Requirements for Reactions 


177 


As an example of electrovolumetric me.hods, let us consider conductometric titration 
of a strong acid with a strong alkali; for instance 

HCl-^NaOH = NaCln-H.O 

in this titration the ions of M-hloric ^id grad^^^^ 

Of the alkali to form undissoc^^ mobility of the 

accumulate in the solution, thus g mobility of Na ' ions, this replacement 

latter in electrolysis is cons.derab y ^ than the mojj.hty ^ 

lowers the conductance of the S'Jiuiton. At me^ conductance of the solution is at 

hydrochloric ^cid are replaced by Na n^ucunce increases again owing to accu- 

rnSr ?f -^'oTiftlie so^uon. If the conductance of the solution is 

measured several times during the 
and after excess alkali has been added, and the 
results are plotted on a graph, the t^'O straight 
lines 1 and 2 (Fig. 29) intersect at the 
point. If we drop a perpendicular from * po'^ 
to the abscissa axis, the intercept ah 8 . 

volume of NaOH solution required to neutralise 

the HCI. 

It is clear from what has been said 
above that ori conditioft u 

metric analysis is the possibility oficter 
mining the equivalence point by one method 
or another (this is by no means always 

second essential condition for the 

use of reaction in an equilibrium constant of the 

that It should proce q a -J ,^j.ge or. in other words. 

approprta^ This co ^^^erwise 

the equilibrium ® .„_. 5 sjbic For example, accurate determination 

accurate titration becomes impo bases is possible only 

of weak acids by ^f the salt formed) is slight. This is the 

if the reverse reaction (hy y dissociation constant should 

case only when ‘h" " considerations apply to other volumetric 

be greater than 1 x lu )• •»*'**““ 

methods. , ij, ration. It would be very difficult 

Only rapid j^,crLne the equivalence point precisely in a slow 

or even impossible to determ overtitrated. 

re^lion; the of reagent which is added must be expended solely 

The staridard solutio ^ determined. In other words, side 

in a reaction with ‘hs su^ ^ calculation of the analytical 

reactions No substances which interfere with the main 

results would be impossioic. 



Fig. 29. Changes in the conductance 
during titration of HCI solution with 
NaOH solution 


A .hat electric charges in solutions are carried by ions, and 

• It will be remembered in greater their mobility the higher is the 

therefore the more ions in a s 
conductance of the solution. 


12 - 6001 . 
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reaction or with determination of the equivalence point must be present 

in solution. , . • • 

These requirements restrict the applicability of volumetric analyp. 

However, as science progresses, the scope of this method is broadening 
owing to the utilisation of new reactions, discoveries of new indicators, etc. 

§ 51. Classification of Methods of Volumetric Analysis 

The reactions used in volumetric analysis belong to various types. Accord- 
ingly, volumetric determinations can be subdivided into the following 
principal methods: neutralisation, oxidation-reduction, precipitation, and 
complex-formation methods. 

Neutralisation. This comprises volumetric determinations based on reac- 
tions of acids with alkalies, i.e., on neutralisation: 

H + -r OH - = H.>0 

The neutralisation method is used for determining the amount of acid 
(alkalimetry) or alkali (acidimetry) in a given solution, and for solving 
a number of other problems involving neutralisation in one way or another.* 

Oxidation-Reduction Methods (Oxidimetry), The commonest of these are. 

pernianganatomeiry, based on reactions of oxidation with potassium per- 
manganate (KMnO,); 

iodome{r}\ based on oxidation by the action of free iodine or reduction by 
1 ions; 

clironwtonietrw in which oxidation by the action of potassium dichromate 
KXtoO- is used; 

“hromatonK’irw involving oxidation with potassium bromatc KBrOj. 

Other oxidation-reduction methods include cerimetry (oxidation by 
Ce + ^ ions), vanadotometry (oxidation by VO 3 " ions), titanometry 
(reduction by Ti ions), etc. 

IVIethods Involving Precipitation and Complex Formation. These are volu- 
metric determinations based on precipitation of various ions in the form of 
insoluble compounds, or on formation of weakly dissociated complexes. 

Whichever method is used for a particular determination, it always in- 
volves: 

(a) precise measurement of the volumes of the reacting solutions; 

(b) the use of a “standard solution” for the titration; 

(c) calculation of the analytical result. 


• The terms *’acidimctry” and “alkalimetry’’ are derived from the words acid and 
alkali. In determination of an acid the solution is titrated with an alkali solution the volume 
of which is measured by means of a burette. This accounts for the name alkalimetry. The 
name of the method for determining the amount of alkali, acidimetry, is derived anal- 
ogously. However, this terminology is not universally accepted; some writers (for 
example, Treadwell) call determination of acids acidimetry, and determination of alkalies, 

alkalimetry. 
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A A‘ ] , Kpfnre discussine the various methods of volumetric anal- 
Accordmgly, before discussing nlculation of concentrations 

Sp^Ipararn'o/:. ions, and calculations used in volume.r.c 
determinations. 
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§ 52. Volume Measurement 

•* f e.»^aritv in the metric system is the Hire, which is the 

i™— ■..«». ■«*-o 

and under normal atmospheric 
One thousandth part of a litre is called ^ 

millilitre. This does not 
with a cubic centimetre, 
thousandth of a cubic 
the mass of water in the latter is , 

and not 1,000 g. . ^ n.,cVc 

Burettes, pipettes, and 
are used for accurate volume measure 

ments in quantitative analysis. 

Burettes. The burette is used for t tr. 
tion, and consists of a mdncal tube 
with a constricted end to which . 

glass tube is attached by means of rubber 

tubing (Fig. 30; 2, 3). . 

On%he free part of 
there is a spring clip (Fig. 30, . 

this is pressed with two ^ „ 

released from the burette. So ^ 

little glass ball inserted m the ru 
tube (Fig. 30; i) is used -nstead of a 
spring clip. If the rubber is ^ 

over the glass ball, narrow c * 
formed between the rubber and the b^I. 
and the liquid can flow out of ^h- bureUe^ 

Burettes with glass taps (Fig. 3 , ) 

used for solutions of substances (such as 

iodine) which attack rubber. _;iiintre<i 
The burette is graduated ,n m ^ 

(usually 25 or 50) and tenths of millilitres, 

the zero being at the top. 

Before a irto be measured, it (like any other measuring 

tion the volume of which Special care must be taken not to 

vessel) must be thoroughly h P^ burette, 

leave the slightest ‘race 
because greasy glass is not 

12 * 


Fig. 30. Burettes 



180 


Chapter IV. Volumetric Analysis 


out of the burette drops remain on the sides, making the measurement 
inaccurate. Burettes and other measuring vessels are washed as 
described in § 12. When the burette is being washed the finger should 
not be put over the top, because otherwise grease will again enter 
the burette. The burette must be washed until the liquid flows uniformly 
off the sides without leaving any drops. 



Fig. 3t. Burettes connected to bottles containing standard solution 


When the burette has been washed, there is no need to wait for it to dry. 
Instead, it is rinsed out twice with small amounts of the solution which is to 
be measured. The burette is filled through a funnel inserted in the top; the 
funnel must then be taken out.* 

Care must be taken that no air bubbles remain in the narrow bottom tip 
of the burette. To remove this air, the spring clip is opened and the liquid 
is allowed to run out rapidly into a beaker or flask. If the burette has a glass 
tap, it is usually impossible to displace air in this way. In such cases the 
tip of the burette is placed in the same solution as is in the burette, the tap 
is opened, and a small amount of liquid is sucked in through the top. The 
burette is then filled in the usual way. 

To keep burettes clean they are filled to the top with water and covered 
with glass hoods or clean test lubes to keep out dust. 


• If the funnel is not taken out. drops of liquid remaining in it may drain down during 
the titration, making the measurement inaccurate. 
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If the sa.e standard section is usedj^ a 

Se blfe«ritmulnrco^^ (- shown .n Fig. 31) direc.ly to a bo.rle 

containing a supply of standard solution. standard 

When the system show" 'n F E, 3 ■ js me^^ ^ level ,n the burette 
solution stands on a shelf at « burette is then filled when 

iLtp^n thlTum^teTd'e tube is opened. Conversely, in the system shown in 
Fig. 31, ^ the solution is forced into 
the burette by air pressure created by 
a squeezed rubber bulb. A similar 

device is shown in Fig. 55. 

The liquid surface in the burette is 

seen as a wide concave band (menis- 
cus). The reading is taken /rom the 
division corresponding to the lower edg 
of the mertiscus, with the eye on the 

same level as the latter. 

The burette divisions correspond 
millilitres and tenths of millilitres^ 

Further, if the lower edge of the 
meniscus cuts across a scale division, 
hundredths of a millilitre are estima - 
ed by eye. A magnifying glass is 
use Jfor'this. Therefore, the prec^^on 

of a burette reading is ° ° 

0-03 ml. In accordance with th^ role 
given in § 15, such readinp should 

be recorded to two 24) 

example, 24-00 and not 2 . . ^ ^ to ensure that it always looks 

To make the men.scu ^screen behind the burette. This is made 

the same, it is convenient p cardboard, covered with white pa- 

from a small (^bout 5x 5 screen is held 

per, with ^y,„^ards so that the black area begins about 1 mm 

marked with a longitu stripe which appears to consist of 

frlgS^m": 0 nr:t^f "point (Fig. 33). This point is used for the 

most "’'PO'X”’' L of such a reading can easily be as much 

the relative error ts 




Fig 32. Burette Fig. 33. Reading a 
screen burette with a col- 

oured stripe 
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as 0*3% or even 0*5%, instead of the permissible value of about 0*1%. 
Therefore, special care must be taken in this very important opera- 
tion. 

Always make quite sure that, when a reading is taken, the eye is on the 
level of the lower edge of the meniscus. It is easy to show that the readings 
vary appreciably with the position of the observer’s eye (Fig. 34). The 
following procedure can be used for finding the proper eye level. A small 
mirror is put behind the burette and the eye level is adjusted so that the divi- 
sion nearest the bottom edge of the meniscus coincides with its own reflec- 
tion in the mirror. 

The liquid must not be run too rapidly out of the burette, otherwise it 
does not have time to drain down the sides and the volume measurement 

becomes inaccurate. For the same 
reason at least 30 seconds must be 
allowed to elapse at the end of 
the titration before the reading 
is taken. 

Before each titration the liquid 
level in the burette must always be 
adjusted to the zero marky i.e., the 
same part of the burette must be 
used each time. It is easy to see 
that this is the best way to com- 
pensate graduation errors in the 
burette. 

It must also be remembered that for accurate tiiration results the volume 
of solution used in a titration should not exceed the volume of the burette, 
but at the same time it should not be too small (not less than 10 ml). In the 
former case the burette would have to be filled twice, which would double 
the number of readings to be taken and would lower the accuracy consider- 
ably. In the second case the inevitable errors in readings would be an ex- 
cessively high proportion of the total volume. For example, a reading error 
of 0*02 ml is 0* I % if the total solution volume is 20 ml, whereas with a total 
volume of 2 ml it is as much as 1”„. The usual aim in titration is to choose 
the volume and concentration of the solution to be titrated so that it would 
take about 20-30 ml of the titrating solution. 

In addition to the ordinary burettes described above, weighing burettes 
(Fig. 35) are sometimes used. With these burettes instead of finding the volume 
of a solution used in a tiiration its weight is found from the weight of the 
burette before and after the titration. Of course, the results are more accu- 
rate than with the use of ordinary burettes. For example, it is impossible to 
measure a volume of 30 ml with a precision of O'Ol ml by means of an ordi- 
nary burette, but with a weighing burette it is quite easy. Accordingly the 
precision of volume measurements with a weighing burette is about 0'01%, 
whereas the precision of an ordinary burette is 0T%. However, work with 



White 

screen 


Fig. 34. Burclte readings with the eye in 

different positions 
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Fig. 35. Weighing 
burette 


used only when 3 psrticu^ 

weighing burettes takes more time, and they are used on y 

larly high degree of accurate measurements of 

Pipettes. Pipettes are commonly ® ^ bulb in the middle 

■" Srr^peUe'S W'th the sCunon U 
is Lshed tLroughly to remove grease a„d 

other cotitarninations and rmsed out w,« 

-^7r,,s 

pipette is lowered deep 
into the liquid (other- 
wise some liquid may 
be sucked into the 
mouth), and the solution 
is sucked into the pipette 
until the liquid level is 
about 2 cm above the 
mark. The top of the 
pipette is then quickly 
closed with the slightly 
moist (not wet) index 
finger, which is released 
very slightly to allow 
the liquid to run out 
until the bottom edge 

of the meniscus just 

touches the mark (with 
the eye held at the level 

of the mark). 

The pipette is trans- 
ferred to the vessel pre- 
viously prepared for the 
purpose, and is e 
there vertically while 



Fig. 36. 
Pipeite 


ll 1 


!: 




? 7 


j 




Fig. 37. 
Graduated 
pipette 


there vertically while ^ip allowed to 

the liquid is vessel and left for a few seconds (for example, while 

touch the side of ^ pipette is then taken out, the drop remaining 

one counts up to ^ ^ not be blomt out. It is in any case 

in it being d'^^^^arded^ 77»5 bquid from the pipette, but it is 

imPrUnUhatX amount rem^^^ always be the same. This aim 
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is achieved if the same method for emptying the pipette, as described 
above, is always used. Obviously such constant conditions cannot be 

obtained if the last drop is blown out, because the 
blowing force would vary. 

Besides ordinary pipettes, the so-called graduated 
pipettes (Fig. 37) are sometimes used; they resemble 
burettes in shape and are similarly graduated. 

At the end of the work pipettes are washed, placed 
in a special stand (Fig. 38), and covered with inverted 
test tubes or plugged with cotton wool to keep out dust. 

Measuring Flasks. Measuring flasks (Fig. 39) are used 
for diluting solutions to a definite volume, parts being 
subsequently withdrawn for titration by means of pi- 
pettes, and for preparation of standard solutions. 
Therefore, in distinction from burettes and pipettes, 
measuring flasks are usually designed to hold, but not 
to deliver, definite volumes of liquid.* 

A measuring flask is a flask with a long narrow 
neck. A mark is made all round the neck to indicate 
the level to which the flask should be filled. 

A measuring flask, like any other measuring vessel, 
must be washed thoroughly before use. Since measuring 
flasks are intended for dilution of definite quantities of 
solution, they cannot be rinsed out with these solutions 
as is done in the case of pipettes or burettes. 

A measuring flask is filled first through a funnel inserted in the neck, 
and at the end from a dropping pipette (Fig. 40). The liquid is added from 



Fig. 38. Pipetic 
stand 



Fig. 39. Measuring flasks 

* Measuring flasks designed to deliver definite volumes of liquids also exist, but they 
are rarely used in practice. 
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mark (facing the observe^ ’’‘des the back^ measurement 

calculation of the results. 

Every measuring vessel is L „ 

definite temperature (usually 
vessel). The standard temperature is taken as 

20®C. The volume of a vessel 
exactly corresponds to the indicat- 
ed volume only at that tempera- 
ture. Therefore, in accurate work 
the temperature of the liquid used 
must be brought to 20° C. Howev- 
er, in ordinary analytical work 
a difference of a few degrees is 
insignificant and may be disre- 
garded. Large temperature ditter- 
ences are not permissible and 
therefore care must be taken 
always to allow the liquid which 
is to be measured to reach room 
temperature. 

§ 53. Calibration of Measuring 

Vessels 





Fig. 40. 
Dropping 
pipette 


Fig. 41. Measuring 
cylinders 


... ^-iiihrjiion the capacity of any measuring vessel, even 

Because of inevitable erro . ^^m-tly equal lo its marked (nominal) capacity, but 

at the standard temperature, IS example, in accordance with the official siand- 

deviates in one direction or ^ ^ ^ 

for a measuring flask should not exceed .and of a pipette, -^.'^here 

SV 


ard, the error 


V IS the ‘Lu arc calibrated at the works even larger errors, far in excess 

In fact, when these ,^^^5 pass unnoticed. Therefore, although under certain 

of the permitted ‘ J*‘ '.."^f/posTible to obtain correct analytical results with incorrectly 
conditions (seep. ivu;u ^ nevertheless the analyst must check the capacities of the 
calibrated ^^der to eliminate any incidental errors, 

vessels which he \hc capacity of a measuring vessel is estimated from the 

In (or delivers). This involves a number of corrections: 

weight of water it ho ds ( , of ^atcr from its weight, the water must be at 

.. (3 980. Water at some other temperature is used 

the a correction (which wc denote by A) must be applied for the 

rhatern'rI=S‘’cr water w,.h .enrpcra.arc. 
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1 The volume of the water is considerably greater than the volume of the weights 
used. By the principle of Archimedes the latter lose less in weight than the water. There- 
fore, another correction (B) is applied for weighing in air.* 

3. The capacity of the vessel at 20'’C must be known, but in practice it is found at some 
other temperature. It is therefore necessary to apply a correction (C) for the change m 
the capacity of the vessel with temperature.** . . 

All these corrections have been calculated once and for all. They are summanseo m 

Table 4. 


Table 4 


Calibration of Measuring Vessels 


> 

1 

t 

Tempera lure 

Correction 

A 

8 

Correction 

B 

g 

Correction 

C 

8 

Sum of 
corrections 

1,000- 
-(A + B^O 

15 

0-87 

107 

0-13 

2-07 

997-93 

16 

103 

1-07 

0-10 

2-20 

i 997-80 

17 

1-20 

1-07 

0-08 

2-35 

997-65 

18 

1-38 

1-06 

0-05 

2-49 

997-51 

19 

1-57 

1-06 

0-03 

2-66 

997-34 

20 

1-77 

1-05 

0-00 

2-82 

997-18 

21 

1-98 

1 05 

—0-03 

300 1 

997-00 

22 

2-20 

1-05 

—005 

3-20 

996-80 

23 

2-43 

1-04 

—008 

3-39 

996-61 

24 

2-67 

104 

—0-10 

3-61 

996-39 

25 

2-92 

1 03 

—013 

3-82 

996-18 

26 

3-18 

1 03 

—015 

406 

995-94 

27 

3-45 

1-03 

—0-18 

4-30 

995-70 

28 

3-73 

1 02 

—0-20 

4-55 

995-45 

29 

402 

102 

-0-23 

4-81 

995- 19 

30 

4-32 

1-01 

—0-25 

5-08 

994-92 


\Vc now consider more fully the methods used for calibrating different types of meas- 
uring vessels. 

Calibration of Measuring Flasks. Suppose that it is required to check the capacity 
of a measuring flask with a nominal capacity of 250 ml. The flask is thoroughly washed 
and dried, and put on the left-hand pan of a technical balance. Weights corresponding 
to the nominal capacity of the flask (250 g) arc pul on the same pan. The balance is then 
exactly counterpoised by a suitable load (lead shot, weights from another set, etc.). 
When this has been achieved, the balance is arrested and the weights and flask are r^ 
moved from the left-hand pan while the counterpoise is left untouched. The flask is filled 
to the mark with distilled water, wiped on the outside with a cloth, and water wetting 
the inside of the top of the neck (above the mark) is wiped off with a piece of filter paper 
rolled in a lube. The flask is then replaced on the left-hand pan and small weights are 


* The calculation of the correction is discussed in § 9, 

•• This correction is found from the formula: 

k'-o = k',-r0000025 Kf(20 — r) 

where K,,, and Kf are the capacities of the vessel at 20*C and /®, and 0-000025 is the 
coefficient of expansion of glass. 
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a 


put on the left- or right-hand pan of the balance, dependent on which is the lighter, until 

the weights and the flask ^ -an This means that the water in the flask 

we?gSfo.4Vr.es-L^‘^h^“ ^ P-. Therefore, the weigh, of the 

"TiiL'sf;; “clL'iau wha^lhis weight should be under the same conditions if the 
capacity of the flask at 20’C fig the flask is 24^ C. In the last column 

Suppose that the temperature of the water f | This represents 

of Table 4 the number con.amed in any 

the weight at 24 C, weighed m air. of the rate ^ 

glass vessel the capacity of which is exactly 

For a volume of 250 ml this gives = 249 10 g. e ^ 

weight actually found <249^55 cap^a^city^of*the flask is greater 
This evidently means that *, 

than 250 ml by 0-45 ml ' ^ *^.mneratu^e of some distilled 
Calibration of Pipettes. into the pipette up 

water is ‘‘’^discharged into a weighed weighing 

to the mark. It is then i,cre as in subsequent 

bottle. Exactly the i^.s jn § 52 are observed: in 

work with the pipette, all ;j ^.m-iininc in the pipette must 
particular the last drop weighing bottle is then closed 

on no account be blown out. T g water is 

t^ghTd o'ntlnalySl babne^o th^^^nearest O.^J^ g^^ 

a,eTat rSTsTakimC^capucii^of ihc pipCc is caicu.aicd 

^^itre^d'' by Tbc.lrv^rJs^ divisions, or by means of a 

special pipette attached ° calibration of pipettes 

The first method ‘S. burette between 0-5 ml. 

described above. Water is ru orcviously weighed weigh- 

0-10 ml. etc., up to O g- 

ing bottle, which is wcjgh a weights 

The volumes are ‘^^d a correction table is pre- 

and temperature of the vsa . burette. 

pared. This is used in work viith th ^ ^ ^2) jj ... 

For the second methejd a ^la p 

attached to the burette. This j,nd h. This weighing is done on an analytical 

water delivered by It bctw« three times. ... , a 

balance to the nearest 0 f an „ ,t ,s adjusted 

When the exact ", hebu^rS^c is set exactly at the zero mark. The clip 3 is then 

to mark 6. while the level in he bu t ^ reading is noted 

opened and the pipette is fiUeO wi ^ the clip 4 mto 

down and water is let \7„^!aieduniilthcboUomofthebureltescalcisrcachcd. 

abcakerorflask.Theopcration^r ^ corresponding volumes (found by mul- 

Thc burette readings are compa 

^ ^ substitution (§ 8) is Uicd here in order to eliminate the error caused 

by inequality of the length ^f ^ way. by dividing the weight of water found 

•• This calculation can DC weight of water corresponding to 1 ml under 

experimentally (i-c.. 249 r of 996-39 g. i.e.. 0-99639 g. 

the given conditions. This vseigni 



Fig. 42. Pipette for 
calibrating burettes: 

/ — burette; 2 — pipette; 
i, ¥ - clips 
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tiplying the volume of the pipette by the number of fillings) and a table of corrections is 
prepared. This is illustrate by Table 5. 

The burette readings in this table are rounded off and the table of corrections is com- 
piled (Table 6). 

Table 5 Table 6 

Burette CalibnitioD Table of Burette CorrectioDS 



Volumes, ml 


Burette 


PipcUe 



Difference 

readings 

Correctioos 

ml 

niLings 

Measured by 

Measured by 

Vt-Vx 

ml 


burette, Vi 

pipette. Vt 

1 

1 




1 



2 

—003 

1 

2-02 

1-99* 

—003 

4 

-002 

2 

400 

3-98 

—002 

6 

—0 02 

3 

5-99 

5-97 

—002 

8 

—001 

4 

7-97 

7-96 

—001 

10 

+001 

5 

9-94 

9-95 

+001 


etc. 




etc. 




* Here t*99 ml is the pipette volume (Vt) found by calibration. 
All the other numbers in this column are found by multiplying this 
volume by the number of pipette fillings. Thus 9*95 s 1*^x5, etc. 


Table 6 is used in work with this burette. It is also possible to use a calibration graph 
plotted from the values found. 


§ S4. Preparation of Standard Solutions 

Standard solutions are solutions of accurately known concentration. 
There are two methods for preparing standard solutions. 

1. A quantity of the required substance is weighed out accurately on an 
analytical balance, dissolved in a measuring flask, and the volume is made 
up to the mark with water. If the weight of dissolved substance (g) and the 
volume of solution (10 arc known, it is easy to calculate the litre of the 
solution. This is evidently 

T = ^g/ml 

Standard solutions prepared in this way are known as primary standards. 

Obviously, this method of preparing standard solutions is very often 
not applicable. It cannot be used for preparing standard solutions of such 
substances as HCl, NaOH, etc. In fact, the exact concentration of an aque- 
ous HCl solution is never known. Therefore, even if an exact weight of such 
a solution is taken, it is impossible to calculate the weight of hydrogen 
chloride it contains. The same applies to NaOH. which readily absorbs 
CO, and water vapour from the air, with a change of weight. Therefore, 
the amount of NaOH in a weighed sample is not known exactly either. 

These examples show that the method described above can be used for 
preparation of standard solutions only of substances which satisfy the fol- 
lowing conditions. 



§ 54. Preparation of Standard S olutions 


189 


ne suts,ance n,us, 

in amounts which could affect an y f ^ j ,•„ formula 

Z:Z ot . hydrate must be exactly 

as indicated by the form^'f, ^ ■ toth in the solid state and in 

.S;t'Xrr t rm;os:trwo^uld cease lo correspond to its 

U-e,mvu/em o/ rhe 

substances are standardised above conditions, a solution 

2. If the substance does first prepared. At the same time 

of approximately the requir - ^le primary substance is prepared as de- 

a standard solution of some P[’.Te/titrated with the other, and the 

scribed above. One of these sdu^ approximate solution is calculated, the 

exact concentration (tiir ) ^..^ndard solution being known, 
concentration of the primary ^^^^^ard so 

For example, the litre of a NaOH ^ crystalline substance which 

solution of oxalic acid recrystallisation so that it exactly corre- 

can be obtained chemically /^e litre of the oxalic acid solution 

rttr^Ce"nd”b/diVi^^^ the exact weight of oxalic acid 

of NaOH) or by gravimetric analysis . . . , 

standardised. nrimarv substances in volumetric analysis ’ 

The great importance of pn y ^ conditions, the more 

dent frim all this. The b« solutions used in analysis be 

rnranV'hetss wm the analyfcal errors b. 

It should be noted 'bat work^ example, the titre of a NaOH solu ion 
against primary ^'“"‘'ards. solution which has been ^'anb 

can also be found by “'[■f ^imary standard. This method is 

ardised against a suitable prirna^y therefore the time 

in that fewer .Ljon is saved. However, it is less accurat 

required for their ions of the separate litres are cumulative, 

because the errors m determ by gravimetric analysis. For ^xam- 

Solutions are " can be foind from the weight of the AgC 

pie, the litre ofanHClsolu AaNOj solution on a known weight 

precipitate formed by 'he ac'.on^of AgN^ 3 
of the HCl solution. Similarly, 


• See § 55 for explanations of gr 


am-cQuivalent and normality. 
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can add BaCU solution to a definite volume of it and weigh the BaS 04 
precipitate formed, etc. 

Finally, in analysis of natural substances or industrial products, the so- 
called standard samples are often used instead of primary standards. A 
standard sample is a sample of the material to be analysed, with an exactly 
known content of the element which is to be determined. For example, 
in determination of manganese in steel the sodium arsenite (NajiAsOg) 
solution used for the purpose is standardised against a known weight of a 

standard steel sample with an exactly 
known manganese content. Sodium thio- 
sulphate (NaoS.Oj) solutions used for 
determination of copper in bronzes are 
standardised against standard bronze 
samples with exactly known copper con- 
tents. etc. 

The use of standard samples is conven- 
ient because all the analytical operations 
prior to titration and all the impurities 
present in solution are the same in stand- 
ardisation as in the analysis. Therefore, 
they do not influence the analytical results 
and the precision is higher. 

The use of standard samples for stand- 
ardisation of solutions illustrates the 
importance of one of the basic rules of 
volumetric analysis, which may be stated 
as follows: as far as possible the conditions 
for standardisation of working solutions 
should be the same as the conditions in 
analysis. 

If this is the case, all systematic errors 
(p. 44) are exactly the same in both cases 
and do not affect the results. For e.xample, 
quite correct analytical results can be 
obtained with the use of an Incorrectly calibrated pipette or measuring 
flask, if the same vessels were used for standardisation of the working 
solution, It is therefore possible to work even without checking the 
measuring vessels. However, if the pipette or measuring flask should 
be broken the analyst must restandardise the solution. It is as a protection 
against such accidents that the measuring vessels arc checked. 

In practice, the commercially available “FixanaT* reagents are often 
used for preparation of standard solutions. These are accurately weighed 
amounts of\arious solids or exactly measured volumes of standard solutions, 
scaled in glass bulbs, each to give 1 litre of e.xactly 0*1 N solution. To pre- 
pare a standard solution from Fixanal, the contents of the bulb are trans- 



Fig. 43. Preparation of a standard 
solution from Fixanal 
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ferred quantitatWely into a nitre mem 

rnsVti“sr.:nce 

in Fig. 43 , A funnel ■,^:'„P;°':rrmeLuring flLk. To remove 

bottom of the bulb is inserted latter is punctured in a cavity 

the substance complete y from the^btdb, .he^la^^^^^^ 

near its top by nj^^ns of P ^ of ^ater from a wash 

“ xie “is Sen rinsed and removed, and the l.quid in the flask 

" caVt: SrformeS bT'two different methods, both in standard- 

isation and in analysis. (either standard or for analysis) is 

1. A weighed water to the mark, and the 

dissolved m a measuring f ’ portions of the solution, each con- 

solution is thoroughly ^^P f the^sample. are withdrawn by means 

taining a definite or asThe pipening rnelhod. 

of a pipette and ^‘^''f^^^YTnhstance are weighed out, each is dissolved in 

are measured °"^iod where volumes are measured three times (with 
than the pipetting ^ ^ burette).* The chief advantage of the 

the measuring P’P‘^. -5 easier to determine the equivalence point, 

pipetting of the solution arc titrated each time. Moreover. 

itTato r/s^'^imfbTcausc i. mvolves fewer weighings. 

§ 55. Normality of Solutions. Gram-Equivalent 

The concentrations "'“"‘‘^^hich 1 fthe"Lmbe? or -rams of substance 

rai^Tdr-'^riroi-i- - more conven.ent to express them 

r^ormX™/ r^/ution A ,hc number of gram-e„un-alen,s of dissolved 

It is clear from 'm most important 

related to the concept of g q therefore consider it more fully, 

concepts in volume nc ;na^ 

reaction. 

.K « i, true only if the samples weighed out arc not too small, as otherwise 

Jre'JareTrri^ in’— -a be very bish. 
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To find the gram-equivalent we must write down the reaction equation 
and calculate how many grams of the substance correspond to one gram- 
atom or gram-ion of hydrogen in the reaction. 

For example, in the equations 

HCl + KOH = KCl + H 3 O 

CH3COOH + NaOH = CHgCOONa + H.O 

the gram-equivalent is one gram-molecule (36*46 g) of HCl and one gram- 
molecule (60 05 g) of CH3COOH. because these are the weights of the 
respective acids which yield one gram-ion of hydrogen, reacting with the 
hydroxyl ions of the alkali in the reactions. We also find that in the reactions 

HaSOj H- 2NaOH = Na^SO^ + 

HjPOj + 3NaOH = NagPO^ + 3 H 2 O 

the gram-molecule of H 2 SO 4 and H 3 PO 4 correspond to two (H 2 SO 4 ) and 
three (H 3 PO 4 ) gram-ions of hydrogen respectively. Therefore, the gram- 
equivalent of H 2 SO 4 is V* of the gram-molecule (49 04 g), and that of H 3 PO 4 
is ‘/s of the gram-molecule (32*67 g). 

It is known that molecules of di- and polybasic acids may react so that 
not all of the ionisable hydrogen atoms are involved. Evidently in such 
cases the values of their gram-equivalents are difTerent. 

For example, since each H3PO4 molecule yields only two hydrogen ions 
in the reaction 

H 3 P 04 -t- 2NaOH = Na 2 HPOi+ 2 H 2 O 

its gram-equivalent in this reaction is not but ^/2 of the gram-molecule 
(49-00 g). Simil.irly, in the reaction 

H 3 P 04 +Na 0 H = NaH 2 P 04 -f-H 20 

it is equal to the gram-molecule of H 3 PO., (98*00 g). 

Thus, in contrast to the gram-molecule, the gram-equivalent is not con- 
stant but depends on the reaction in which a given substance takes part. 
Therefore, in the above definition of gram-equivalent special attention must 
be paid to the words in a given reaction. 

Since one gram-ion of OH “ reacts with one gram-ion of H and is 
therefore equivalent to the latter, gram-equivalents of bases are found 
similarly, except that their gram-molecular weights must be divided by 
the number of OH ~ ions taking part in the reaction. For example, the gram- 
equivalents of the bases in the reactions 

K.OH + CH 3 COOH = CHaCOOK -h H.O 

3 Ba(OH )2 + 2H3PO1 = Ba3(PO,)2 bHjO 

2AI(0H)3 -H 3H2SO4 = AU(S04)3 -H 6H2O 

Ca(OH )2 -r HCl = CaOHCl -h H.O 
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Ca(OH)2. fnr calculatina cram-equivalents of oxidising 

We now turn to According to the modern 

and reducing agents which oxidation-reduction reaction 

theory introduced by L V^ P ^ between the substances taking 

consists of a redistribution ^®ns o .^ucin- 

“ n. ^ 

'otiillg .e.n» m i.‘- “'I" 

For example, in the reaction v cn ^ 8H O 

, ou Qr\ — SFe (SOiVi'^-^MnSOj-r iCobU, oriX} 

l0FeSO4+2KMnO,-^-8H.SO., - ab A i;.i 

,he reducing agen, is FeSO or, ,n<.c pre.s^ U,e Fe ^ - ,on, sviuci, .uses 

an electron and is oxidised to an Fe 

+ _h. = Fe-"- + 


Fc - 


• ■ kfMnO or more precisely, its constituent MiiO, 

The oxidising agent is KM''Oi or no, 
ion, which is reduced to Mn as follons . 

^,„0.-a-8Hra-5c = Mn--.4Hp 

fr.s.' the atoms of the oxidising agent 
Since the electrons n^,niher of electrons lost by the atoms 

must together receive i'j|: determines the coefficients in oxida- 

of the reducing agent. Th vseight proportions m these 

tion-rcduction reacimn equ calculations of the gram-equivalents of 

reactions. It is therefoie c ca based on the number of elcc- 

oxidising and reducing Ji^' of substance in a given reaction, 

irons gained or lost by one mo „^idation of FeSO, (in acid solution) 
It was stated above .ha is as many as would bc 

thc KMnO, molecule ,|,i, reaction one gram-ion of hydro- 

gained by five ions. Therefore, 3,.,, ,, -f,,,, 

gen is equivalent to I, r substance in question, 

is the oxidation „,.am^cquivalcnt the gram^molccular ne.ghi 

Therefore, 

cfan oxidising ' r/o/i. Gram-equivalents of reducing agents 

one molecule of il in S‘' ibc electrons gained and not lost by the mol- 
are found similarly, excep , reduction gram-equivalent of FeSO, 

ecule are considered. ‘ cuual to its gram-molecule, because 

in the reaction under considc ^ electron, 

the FeSO., molecule contains one be 

. mnneanese is decreased in the reaction from ; 7 (in 

• The fact that the that the KMnO, molecule does m fact gain five 

KMnO,) to -t 2 (in j^crease of the positive valence by one unit is evidently 

electrons in the reaction; 

caused by addition of one electron. 

13 - 0001 . 
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Similarly we find that in the reaction 

Cr,(SO,):( + 2KMnO, + 8ICOH = ; 2Mn0(0H).+2K2Cr04+3K2S04 + 

+2H2O 

^lie reduction gram-equivalent of Cr2(SO,,)3 is of the gram-molecule, 
since each chromium atom increases its valence from +3 to +6, i.e., loses 
three electrons. As regards KMnOj, its oxidation gram-equivalent in this 
reaction is no longer but of the gram-molecule, since manganese 
decreases its valence from -f7 to -^4, i.e., gains three electrons. It follows 
that in oxidation-reduction reactions too the value of the gram-equivalent 
of a substance depends on the reaction in which it takes part. 

It is also necessary to distinguish the oxidation or reduction gram- 
equivalents ofsubsiances from their gram-equivalents in exchange reactions. 
For example, it was shown above that the reduction gram-equivalent of 
FeSO, is equal to its gram-molecule; but in the exchange reactions 

FeSO, T 2NaOH - ! Fe(OH).-f Na.SO, 
or 

FeSOj-i BaCI, - FeCL+'lBaSO^ 

the gram-equivalent of FeSO, is of a gram-molecule (sec below). 

It is easy to see that in exchange reaclions.which essentially involve the 
combination of oppositely charged ions, the weight proportions and there- 
fore the values of the gram-equivalents are determined by the number of 
charees invohed in these reactions, just as they arc determined by the number 
of eiectrons in oxidation-reduction reactions. Accordingly, the rule given 
abose for finding the gram-equi\alent may be extended to exchange reac- 
tions if it is stated as follows: to find the ^ram-equivalcnt (g-cq) of any 
substance its molec ular weight (M) is divided by the number (n) of charges 
or electrons gained or lust by one molecule of the substance in the given 
reaction, i.e., 

\r 


For example, in the reaction 

li,PO, 2NaOH - Na.,HPO,- 2H,0 

n for phosphoric acid is 2, since each H;,PO, molecule contributes two 
H ions, carrying a lt>ial of two positive charges, to the reaction. Similarly, 
the gram-equivalent of FeSO, in the above exchange reactions is A'/:2, 
because in the reaction with NaOH the FeSO., molecule contributes one 
1 e ' cation with two charges, and in the reaction with BaCl, it contributes 
one SO, anion witlt two charges (i.e., in both cases n = 2). 

In the same way we find that the gram-equivalents of AK(S04)3 and BaCl^ 
in the reaction 


A1.(S0,)3 - 3BaCl-. = 1 3BaSO,-l-2AlCl3 
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are respectively Vo and V. of a gram-molecule of the correspondmg sub- 

tance ™s reactton essentially consists of the combmatmn o SO 

ions with Ba- ions f«cm>ng a prcc^p.tam of BaSO Howcver,^^^^ 
Al2(S04)3 molecule contributes thruc S04^ ^ ions t f 

" ll'u ‘k^SrihaT tL“ gm.meqmvrie'nt of Na,C03 m the reaction 

NaoC03-!-2HCl = 2NaCI !-H.CO;, 

is V2 of a gram-molcculc. whereas in the reaction 

Na.CO;, ' HCl = NaHCO;, bNaCl 

, 1 ,hr i-.iicr case n = 1, which is shown very clearly 

it is one gram-molecule. In the latter case 

by the ionic equation for the reaction. 

CO;,' ^ H = HCO;j' 

• is„, is: iKo often used in analytical chemistry. 

The millicram-cquivalent ‘ thousandth of a gram-equivalent 

The milli^ram-equixalcnt ,,-eitihi of a subsumce c.xprcssed 

gram-equivalcnts are the san chemical equivalent that gram- 

It follows from the weight proportions in 

equivalents or nouiraUsation of I g-eq of any acid 

which substances imerac r precipitation of 15 mg-eq of AgNO, takes 
takes I g-cq ‘^"y‘*‘''‘*‘ \.,^.;.r,ients of any soluble chloride, etc. 

exactly as ’itr uion is ended at the equivalence point, the 

- 1*: si - - :;^c=' 

(or uninormal). hor ^ permanganate solution contains 

98 08:2 = 49 04 gH>O,p 'J etc. It is obvious that 1 mg-eq (which 

158-04:5 = 31-61 g is contained in 1 ml of a normal 

IS 0-001 g-eq) of one o _ . ^ solution is the nmnher of gram^eqinv- 

'’"ll‘^ran.-cc,ui.alcn,^ per 

millUitre. suitable for volumetric analysis, as they 

Normal last drop would 

c"m‘ain“"con"d1rablc amount of thu substance, and the so-cahed Jrop 

error would be large. 


18 - - la 
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This also applies to solutions of half this strength, seminormal solutions 
(0-5 N)- Solutions of one-tenth or even one-fiftielh of the normal strength, 
known as decinormal (O’l N) and bicentinormal (0*02 N), are used much 
more often. The former contain 0-1 and the latter 0-02 g-eq of the corre- 
sponding substance per litre (or the same number of milligram-equivalents 

per millilitre). 

The advantage of using exactly 0-1 N, exactly 0-02 N, etc., solutions 
is that equal volumes of solutions of the same normality are consumed in a 
reaction. For example, titration of 25 C0 ml of 0*1 N solution of any alkali 
takes exactly the same volume of 0*1 N solution of any acid, etc. 

The reason for this is easy to see. One ml of a 0-1 N solution of any 
substance contains OT mg-cq and 25 ml contains 0'lx25 = 2‘5 mg-eq. 
Since in a titration equal numbers of milligram-equivalents of the two 
reacting substances are used up in the reaction, equal volumes of OT N 
solutions must be needed for the reaction between them. The same is true 
whenever solutions of equal normality arc taken for a reaction. 

If the solutions are of different normalities, then the volume of the solu- 
tion of the higher normality required for the titration will be proportion- 
ately smaller. For example, 20 ml of OT N, or 10 ml of 0*2 N, or 5 ml of 
0-4 N alkali solution, etc., would be required for neutralisation of 20 ml 
of OT N acid solution. It follows that the volume of solution taken in a 
titration is inversely proportional to its normality. If we represent the volume 
and normality of one solution in a titration by and A^i, and those of the 
other by V. and N., we can write: 


r, 


,Vj 

■Vi 


or A'l r, = NJ', 


In other words, the product of the volume of a solution used in a titration 
and its normality is a constant value for hath reaeting suhstances. This is 
clear from the fact tiial the products .V, F, and A’TA are the number of 
irillicram cquiNalents of the two substances used in the titration. Therefore, 
the two products must be equal to each other. 

Despite the convenience of using solutions of definite normality, the 
so-called empirical solutions arc also often used in practice. The concentra- 
tion of an empirical solution does not depend in some simple manner on 
the gram-equivalent but is determined by various practical considera- 
tions. 

For example, if a particular standard solution is used for repeated deter- 
minations of some element, it is convenient to choose its concentration so 
that I ml of it corresponds exactly to 0 01 g or 0-001 g. etc., of the substance 
to be determined.* It is then possible to find the weight of the substance 


• ( onccniratains of cinpirica! soUiiions .arc usuaily expressed in terms of *‘tiire for 
the suhstanee determined”. Tliis method of expressing concentrations and the calculations 
wh eh !t involves are discussed in § 56. 
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in grams directly from the volume of solution taken for the titrat.on. with- 
out calculations any kmd concentration of the working 

solitionTo thrUie pcTcomaV'^c^^^ 

of the substance being ^ sample Clearly the use of empirical solu- 

■■■ 

therefore often used in industrial laboratories. 

§ 56. Calculation of the Results of Volumetric Determinations 

We now consider 

Ltlfonr we '^rT wir commonesrmethod. based on the use of solu- 
tions of definite Fvnressed in Terms of Normality. The 

Calculations with wiicther the pipetting method or the 

calculation procedure dep ^i^ed in the determination. 

method of separate samp (P- ... suppose that wc wish to find the 

Calculates uM ,hc F.pcnu., in a measuring 

weight of Ba(OH), prcscn ‘ P with water, if 20-00 ml of 

flask 250-0 ml m capacity, mad^ up to 

this solution took 22-40 ml o volume and the normality 

It was stated ^ in the titration. Therefore, 

^e^oltg thfn:rmam7of tbc BafOH). solution by wc can write: 

2000 X V — 22-40 ^ 0 09884 


and hence 


N - 


22 40 / 0 09884 ^ 0'li08 


20 00 


. 1 .• vv is reauired merely for titration of some other 

solutions® U.°' rcsurwouUi i,e sufficient to indicate its concentration and 

no other' ;;,,;7'tlrncc '^c have to find the amount of Ba(OH), 

However, in the -p ^his, w-e can calculate the titre of the 

in 250-0 ml of ^ normality and then multiply the result by 250. 
BafOH), solution ^ " ."“f Ba(OH), is W:2 or 85-69 g, 1 litre of 01 108 

NtTutl' S i nos .85-69 g b;(OH). Therefore, the titre of the 
Ba(OH);j solution is 

_ ^ 08 X 8^- ^ = 0-009493 g/ml 

TualOIDt" 1.000 

250 0 ml of this solution contains 

g = = 250-0x0-009493 = 2-373 g BafOH)^ 
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It is not necessary to calculate the titre in this case; we can at once find 
the weight of Ba(OH)^ in 250 ml (i.c., in 0 25 litre) of solution as follows: 

Q = 01108 ■ 85-69 0-2500 = 2-373 g 

Such calculations must be performed to the necessary degree of preci- 
sion. Since volume measurements with a burette arc performed to hun- 
dredths of a millilitre and the results have four significant figures (for example, 
18-76 ml, or 24-60 ml, etc.), the normalities, litres, amounts of substance 
being determined, etc., must also be calculated to four significant figures. 

In the above example it would not be permissible to round off the nor- 
mality (0-1108) to 0-111, or the titre (0-009493) to 0 0095. as the precision 
would be lowered. Neither would there be any sense in writing 2-3735 
instead of 2-373 in the final result, because in that case not one but the last 
two figures (35) would be uncertain (see § 15). 

Colculations u iih the Method of Separate Samples. 1. It is required to 
find the normality and litre of a NaOH solution if 24-60 ml of it is used 
in titration of 0-1590 g of chemically pure oxalic acid HX_.0,*2HiO (dis- 
solved in an arbitrary volume of water). 

It is obvious that we cannot use the equation /V, K, = for solving 
this problem, because we know the volume of only one of the solutions 
(NaOH). while in the case of oxalic acid we know the weight, and not the 
normality of the solution. In any titration the numbers of gram-equivalents 
of the reacting substances are equal to one another; we therefore have 
to find the numbers of gram-equivalents of NaOH and HX_;0,*2HoO 
and ec|uaie them. This gives an equation from which the required normality 
of the NaOH solution c-an easily be found. 

In the reaction oxalic acid is converted into the neutral salt NaXXi, 
i.e., it behaves as a dibasic acid. Therefore, the gram-equivalent of oxalic 
acid is half of its gram-molecule, or 63-04 g. The sample of oxalic acid 

taken contains J?-cq. 

On the other hand, if the normality of the NaOH solution is N, this 

N 

m.-ans tint 1 litre of it contains A’ c-eq, and 1 ml contains 
NaOH. " ' 

Therefore, the 24-60 ml of the caustic soda solution taken in the 
titration contains 

24 60 • /V V, rMj 

1,000 8-eq NaOH 

We form the equation: 

number of g-eq NaOH = number of g-eq H2CX,*2HX 

24-60 • N 0-1590 
■ 1,000 

Solving it, we have 

0-1590 -.1.000 
25^0 ^ 63-64 


N = 


63-04 


= 0-1025 



J 56. CMana,, of ,he Ren.ln of Vo lo,„e,ric Dj,crn^'<o- 


l:i<i 


The concentration of the NaOH soton “ N. Front 

this it is easy to find the t.tre of the NaOH uhtch 


TlMaOII 


0 1025 ^40;0l^ ^ 0 004101 c'ml 
~ 1 .000 


2 Find the amount of acetic acid tn a soiut.on tf 20-50 nt. of 0- ,.45 N 
NaOH solution was required to neutralise it. 

Reasoning as before, we find that 

20-5 0x0 1145 

i .000 ^ 


was used in the titration. . .r „cetic acid was equal to this. Since 

The number of ns „ we have 

the gram-equivalent of aect.c ac.d ,s 60 05 g we 

20 - 50 xO 1 145x60 05 _ n-14in g 

QcHiCOOil ~ 1.000 

. • 1 .>cMit« if i< sometimes more convenient 

totnr r :!f 

Ve s^TZsfie t«r;,W hy ,,,, for titration 

= Smlofahydrochloricacidof ^ Solution Titrc. 

Calculations with Concentrations - P concentrations 

One example of calcu.at.on of analy^^ ,3, us 

are expressed in terms oi ^ 

consider another exarnple 'ams of H.,SO, contained in 500 ml 

It is required solution took 22-80 ml of a NaOH soiut.on 

the titre of which was ^004257 g/n - 

The amount of NaOH used ,n ^ ^ 

Okj .nil = T^•a01K NaOtl 

Since 1 g-eq (40 01 g) of NaOH reacts with 1 g-eq(49-04 g)of H,SO., we 
can write 

49 04 g H-SO* corresponds to 40-01 g NaOH 
X g H^O, corresponds to 0-004257 x 22-80 g NaOH 

ao 04 X 0 00425 7 x 22 80 _q.| 190 g 


X = 


40 01 


Further, 


_ 0 11^ ^ 0-004758 g/ml 

Th*so« — 25 00 


and 


^ _ Tu .n X 500 0 = 0 004758 X 500-0 = 2-380 g 

Gh*SO* — ‘H:S04 
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This is a less convenient method than the others, and is therefore hardly 
ever used now. 

Calculations with Concentrations Expressed in Terms of Titre for the 
Substance Determined. In repeated analyses it is very convenient to express 
concentrations of working solutions in terms of the so-called titre for the 
substance determined rather than normality or titre, because the calculations 
are thereby considerably simplified. 

For example, the titre of an AgNO., solution used for repeated determin- 
ations of Cl“ is usually given for chlorine; i.e., the number of grams of 
Cl “ equivalent to 1 ml of the AgNOj solution is indicated. 

The titre for the substance determined is very easy to find from the known 
normality. In the present example, if the normality of the AgNOs solution is, 

say, O'llOO. then 1 ml of this solution contains S“Cq AgNOj and 

reacts with the same number of gram-equivalents of Cl“. Since the gram- 
equivalent of Cl ~ is 35-46 g, the titre of the AgNOg solution for chlorine is 



N'O./Cl- 


0 1100x35-46 
1.000 


= 0-003901 g/ml 


For example, if in the determination of Cl ~ in some substance 
20 00 ml of this AgNOg solution was used for titration, then the solution 
which wa:^ titrated contained 


A -- T^^xo.'C]- I^A(jN0j“ 0 003901 20-00 


0-07802 g Cl" 


The consenience of this mclltod is obvious for repeated analyses; the 
titre of the working solution for the substance determined having once 
been found, the amount of tlie substance in a sample is found simply by 
nuiliiplying the litre by the volume of solution used. Therefore, this method 
is Used very widely in laboratories which have to deal with repeated detcr- 
minaiions of the same element in a large number of samples. On the other 
hand, if the determinations are not of the multiple type and a particular 
standard solution is used for determining not always one but different 
elements, it is more convenient to calculate results from the normality. 

Let us consider several more examples of calculations with the concentra- 
tions expressed in terms of titre for the substance determined. 

1. The titre of a K Cr^O^ solution is 0-005000 g/nil. Find the titre of 
this solution for iron. TKjCr.O:''t-f 

The litres of a solution expressed in grams of different substances are 
obviously in the same ratio as the gram-equivalents of these substances. 
Therefore, we can write 


^K;f r- pT/ Fe 
^KaCr.O, 


geqp. 


® ^'^K-CrjO 
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But the electron-ion equations for the oxidising and reducing agent 
in the reaction = Fe+ + + 


Cr,0, 


-- + 14H + -f6e = 2Cr+ + + -f 7H,0 

\f 


show that g-eq,, = = 55-85 g, and g-eqK,coO, - ^ “ g. 

Consequently 

= 0-005000 X =0-005696 g Fe 'ml 


TkiCfsOWFc = TKiCnOr 

2. Find the ‘i‘f^°f/J[;|"°‘on°oriTolmi^ 

this solution IS required titration 

Htj: or .His we.ght of FW . 

^ _ 0:>'™ = 0-005850 g Fc/ml 

3. Find the amount of Us^h (^1^^ 

^rfhfflitTtirdtm of the NaOH solution fo-cmic acid: 

Txaon/cn*rooH - fidoo 

r rH roOH reacts with 1 nil of the NaOH 
This of nS^K solution was used, the weight of acetic 

solution; since 20 50 mi oi 

acid is: 0 1145 x 60 05 x 20-50 _ g 

CcHjCooii “ ■ i.ood 

oix/tJr^l results by the method of separate samples 
Thus, in calculating analy being determined in two ways. 

we can find the 5 "’°“'’' h’Vf sram-equivalcnts of the solution uikcn 
We either calculate the gram-equivalent of the substance 

for the titration and multiply ^ , he solution into its litre for 

being determined, . multiply the result by the volume of solution 

the substance du'urmined and both yield the same ex- 

used. Both methods arc cqua. y 

pression for finding Q- j ^ jbe substance determined 

It follows from 'b^ abov^ 

is to some -version factor shows what amount of the substance 

Indeed, just as the corresponds to 1 g of the weighed form, the 

(or element) bums ^bows what amount of the latter corre- 

nSw^'rml'of tb" solution used. Just as the amount of substance 

* A is the atomic weight. 
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or element being determined is found by multiplying the weight of the 
precipitate (weighed form) by the conversion factor, in volumetric analysis 
this amount is found by multiplying the volume of solution used by its 
titre for the substance determined. 

§ 57. Calculations in Preparation and Dilution of Solutions 

In § 56 we considered methods for calculating analytical results. In addi- 
tion to such calculations, it is also necessary to perform various calculations 
when solutions are prepared or diluted, when it is necessary to convert 
their concentrations from one system into another, etc. We shall now 
consider these calculations in some detail. 

The concentration of a solution is usually taken to mean the amount of 
substance dissolved in unit volume (or weight) of solution. The unit of 
volume is usually the litre, while the amount of dissolved substance is 
generally expressed in moles (gram-molecules) or in gram-equivalents, 
in the former case we have the molar concentration or molarity of the 
solution, and in the second, its normality. Conversion from one to the 
other is very simple; it is merely necessary to know what fraction of 
the molecular weight is the equivalent of the substance. Consider the 
following examples. 

I xample I. Calculate the molarity of a 0 3 N ALtSOdj solution. 

Sohiiion. .As was shown on p. 195, the gram-equivalent of ALtSO,)-, is ’/s of a gram- 
molecule of it. Therefore, in order to find how many moles are present in 0-3 g-cq of 
this salt we must multiply 0-3 by ‘ Therefore. 

.\/ = A' X ■;* = 0-3 X '/a = 0-05 

i. e., the molarity of the solution is 005. 

Example 2. Calculate the normality of a 0-2 M Bi(NO;,)s solution. 

Solution. Since a gram-moleeule of corresponds to 3 gram-molcculcs of 

UNO;,, i.e.. to 3 g-ions of '1 , the gram-equivalent of this salt is equal to Va of a gram- 
molecule. Tlierefore, a 1 M solution is 3 N, and a 0-2 M solution is 0-2x3 = 0-6 N. 

Calculations relating to solution concentrations are somewhat compli- 
cated by the fact that, in addition to the methods for expressing concentrations 
already described, percentage concentrations are also often used in practice. 
It must be remembered that unless otherwise stated the percentage con- 
centration is the number of parts of solute by weight per 100 parts of solution 
by weight. For example, the expression “3^*0 NaCl solution” means that 
each 100 g of solution contains 3 g NaCI and 97 g water. 

In converting percentage concentrations to molarities or normalities 
we must take into account the specific gravity (density) of the solution. It 
is known from physics that the weight (P) of a body, its density (d), and its 
volume (F) arc connected as follow's: 

P=Vd or 

a 

Let us consider some numerical examples. 
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solution: 

y-L= 1 - -- 87-7 ml 
^ " d M4 

Now calculate .he number of grams of fhSO, in 1 l.trc of 20 O ’ . sulphuric ac.d solution. 

87-7 ml contains 20 0 g H ..SO, 

1 000 ml contains .v g HoSO, 


and hence 


1.000 x20 0 ^ 

87-7 


f- A Ur^.x, minv cram-equivalents this weight of H..SO, corresponds 
We now have to find how many | a Q gram-molecular Nsoight, i.e.. 49 04 g. 

to. Since the gram-equivalent of H,bU, nau i, 

wc have 

Ji«. = 4 65 
^ 4904 

Therefore, a 20 0% sulphurii^cid^solut.on is approximately 4-65 N- The molarity 
of the same solution is 4*65.2 

t- ^ a -I such as 0-1 N HCI or H.SO^ solutions, are pre- 

Standard acid concentrated acid solutions. The volume 

pared from the fj. must be taken to give a required volume 

of the concentrated , j from the density and the corresponding 

of the diluted When' the solution has been 

concentrat.on jescribed in § 54. The calculations used tn 

r;:rrats rre";:— by .he following cantpie. 

containing 96/, H-aUj. niu> 

01 N solution. .„h„,^nianv crams of anhydrous H,SO^ is required for the given 

Solution. F‘r^\'^^f''l^‘®'^?i^t^th^ram-cquivalent of H,SO, is M;2, approximately 
49*“Tnd°'^lTi!re^of 0 1* N ® * ^-cd. the total amount of H,SO, required is 

^ = 01 x49x5i5:}25 g 

NOW find the wc.gh. of 96-/. sulphur, c acid which conta.ns th.s weigh, of anhydrous 

H • 

' 100 g of 96% acid contains 96 g H,SO, 

^ g of 96% acid contains 25 g HjSO, 

and hence 

_ 2i£M = 26g 

■>^96 

xxieiaht of 96% sulphuric acid into the corresponding volume: 
We now convert the weigiu /» 

26 


1-84 


= 14 ml 
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Therefore, to prepare 5 litres of approximately OT N sulphuric acid solution we must 
measure out (in a small measuring cylinder) about 14 ml of concentrated H^O*, sp. 
gr. 1 -84, and dilute it with water {the acid must be poured into water, not water into the 
acid) to 5 litres. 

Let us now consider some examples of calculations used when solutions 
are diluted from one normality to another or from one percentage concentra- 
tion to another. 


Example 5. Find the volume to which 50 0 ml of 2 N HCl must be diluted to convert 
it into 0-3 N solution.* 

Solution. It was shown in § 55 that the product of the volume of a solution and iu 
normality gives the number of milligram-equivalents of the substance present in that 
volume of solution. If the solution is diluted its volume and normality change but the 
total number of milligram-equivalents of the dissolved substance remains constant. It 
follows that, as in titration, the following equation is true in dilution: 



Applying this equation in the present case, we have 


and hence 


VxQi = 500x2 



500 X 2 
0-3 


= 333 ml 


Therefore, to convert a 2 N HC! solution into a 0-3 N solution 50 0 ml of the 2 N solu- 
tion must be diluted with water to 333 ml. 

Example 6 . What volume of a 1 N solution contains the same amount of a given 
dissolved substance as 30 ml of a 0-2 N solution? 

Solution. Since the amount of substance is the same in both solutions, the products 
of the solution volumes and normalities should be equal. 

Therefore 


Kx 1 = 300 X 0-2. and I' = 6 ml 

To convert the volume of a solution of a given normality into the equivalent volume 
of a 1 N solution the volume must be multiplied by the normality. 

Example 7. Calculate the proportions by weight and by volume in which a 54% 
solution of nitric acid (sp. gr. i-33) must be mixed with a 14% solution of nitric acid 
(sn. gr. 108) to give a 20 % solution. 

Solution. Represent the weight of the first solution by x, and of the second by y. The 
total weight of the mixture will be (x-t-.v) g. Now calculate the number of grams of pure 
(anhydrous) HNO 3 contained in x g of 54% acid. 100 g of the latter contains 54 g. 1 g. 

contains g, and x g contains g HNO3. Similarly, we find that y g of 14% 


100 


100 


14 V 


acid contains g HNO,i. and (x -?-)•) g of 20% solution (mixture) contains 
g HNO 3 . But the amount of HNO 3 is the same after as before mixing- 

100 

Therefore, we have the equation 


54 X 

fdo 


14y 

ido 


20 (x -}- y) 
100 


• In this and similar problems the concentrations (2 N and 0-3 N) are taken as exact. 
TTtc answer must be found to a degree of precision sufficient for practical purposes 
<1 ml or 01 ml). 
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20—14 

54^20 


54 ^ -f 14>' = 20x T 20> 

Rearranging this equation, we have 

X 

y 

. t-. „ , ' <rt1inioti of HNO, we must take 20 — 14 =6 

This result shows that to obtain ^ ^ J 4 "o acid. The solume 

54y^acidis— = 4-5 ml, and the volume of 34 g of 14 ,.ac.d is ^ 

Therefore, 4'5 ml of 54% HNO mu. Ik addled m^eaeh^3T 'Ts e.”rScaLu.a.e 

rhe'vlme oTo^^oTlhe'^mhons^which mus. be m.xed rvi.h a given „,h,mc of ihe^olh^r. 

For example, if we have 100 ml of 54%, HNO. we mu. add— - = 

^ ii^nc tr> he inixcd culculitlcd 


54 


'20 


/ 


6 (i.e.. 20—14) 


14 ^-‘34 (i.e., 54—20) 

. ..Krtv.' the other the percentage concentrations 

On the left we write, one abo concentration of the mixture 

of the two original at the opposite ends of the diagonals 

is written in the ^f|-^x"enccs between the final and each of the 

(i.e., crosswise) wc write he quantity being subtracted 

initial concentrations represents the weight of the solution 

from the larger. Each of ti c di 1 horizontal 

the percentage concern^ , p,,,, by weight of 

54% acid must be ^^^^en 13 p [ j relating to dilution of solu- 

of water . ta^en as zero. 

This is illustrated by the following example. 

r wie 8 Calculate the weight of water to be added lo 100 ml of 7_. . sul- 

Wc Ssc lh?abo\rg"rS^ 

solution and water: ,^2 26 

'2r/ 

0 ^ *46 

Therefore we must take 46 parts of water to 26 parts of 72% acid solution by weight. 
w7now convert to volume proport.ons: 


26 . 46 

k'litSo, • ^'iijO = j.^3 • I 


16:46 
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By proportion 


and finally 


To 16 ml HjSO* we must add 46 ml H.O 
To 100 ml HjSO^ we must add x ml H.O 


X 


46x100 

16 


pa 


290 ml 


Exampie 9. How much water must be added to 200 ml of hydrochloric acid of 
sp. gr. 118 to obtain an acid of sp. gr. 1*10? 

Solution. This problem is quite analogous to the previous one. The only difference 
is that the percentage concentrations are not given but must be found from tables (Appen- 
dix V). We find from the table that acid of sp. gr. M8 contains 36% HCl, and acid 
of sp. gr. 110 contains 20% HCl. 

We can therefore write 



Therefore, 16 g of water must be added to 20 g of HCl solution of sp. gr. 118. Convert 


ing to volumes, we have 


20 

118 


= 17 ml for HCl and 16 ml for water. 


By proportion: 


and finally 


To 17 ml HCl we must add 16 ml HjO 
To 200 ml HCl we must add x ml HjO 


X 


200 x_16 
17 


190 ml 


QUESTIONS AND PROBLEMS 
(on §§ 49-57J 

1. What is the principle of volumetric analysis, and how docs it difTer from gravi- 
metric analysis? 

2. 250 0 ml of a NaOH solution contains 10 (K) g NaOH. What is the titre of this 
solution? 

Answer: Txaoil = 0-04000 g/ml. 

3. What is the equivalence point in titration, and how is it determined? 

4. Free iodine oxidises various substances; for example, 

l.+Na.SOj+HjO = NasSO,+2HI 

Knowing that I. solutions are dark brown in colour while I " ions are colourless, 
say how the equivalence point may be determined in titration of NajSOs solution with 
iodine. Would it be possible to use starch solution as an indicator in order to obtain 
a higher degree of precision in this titration? What would be the colour change at the 
end of the titration in that case? 
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5. Explain the use of KXrO. as indicator in titration of NaCl solution svith AgNO, 

6. What is the principle of conductometric titration of strong acids uith strong 

Specify the conditions to which reactions used in titration must conform. 

8. Give exact definitions of the units of volume used in volumetric analysis. 

9. Explain why burettes “"'1^!;;'’=’“^'^ “designed to hold 

for which they are to be used. On this dc aoi. 

H^finite volumes of solution) - ^ 

I f ci'iintinn must not be blo\s*n out of 3 pipclK* 

rsIuiLmTolT a“bur™,e reading with Iris eye below the lesel of the meniscus. 

How did this affect the -I-* 

12. When the capacity of a ^ 24 82 c. The temperature of the water was 

by it (average from three j;.|i\cr'cd by'ihe pipette. 

\y C. Calculate the volume of vs^ua dviiwrcu uy 

AHWi’ei ' 24*S7 ml* I 

, js 0 000025. What is the decrease in the 

n. The coefficient of "w o ihbrited at 20 C if it is used for measuring the 

capacity of a 200 ml nicasunng llask calibrauu 

volume of a liquid at 10 t- • 

^Iiiwer- 0 05 ml (or 0 025';u). . 

^ ., K.. vvcichcd out at 14 C with brass weights 

14. What weight of a foO ml measuring flask at 20 C? What 

(sp. gr. of brass is «-4) ^ ^atcr is weighed oul in ihc calibration? 

is the percentage error il exaviiy lou b 

Answer: 99-80 g; 0 - carbonate solution 1-3250 g of chemically 

15. In preparation of a 1^’;'''^'’ flask and made up to 250 0 ml with water, 

nure Na.CO, was dissolvcu m ** 

Scuhui thi titre of the solution. 

^ Tv. / n = 0-005.^00 g/ml. 

A.socr. Tn,i= . standards" and to what requirements 

16. What substances are known i 

must they conform ? of sulphuric acid 2-9 ml of concentrated 

17. In preparauon gr. 1 84 was diluted with water to 1 litre. Can 

(approximately ^o'^ution be determined from these data. 

the e.acr litre of this solut on ^ 

18 . In standardisation of an H.:bU, Q.Qosm g/ml was titrated with the HoSO, 

problem 25-00 ml of 24-50 ml. Knowing that the reaction equation is 

solution. The volume of the Utter was 

NaXO, t H,SO. = Na,SO. flUO i CO, 

calculate the litre of the H,SO. solution. 

.4 . T.. c/. = 0 005003 g/ml. 

' n ‘I'.r- of an HCI solution if 0-2868 g AgCl was formed by addition 
19. What is the litre o an 
of 20 00 ml of AgNOj solulio 

A,n.er:TnO=0 003(A6 g/ml. 
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20. Whatare standard samples? Whatistheadvantagcindeterminingtitresofworkmg 
solutions against standard samples? 

21. Under what conditions would the use of wrongly calibrated measuring vessels 
not affect the accuracy of analytical results? 

22. Describe volumetric determinations (a) by the pipetting method, (b) by the 
method of separate samples. 

23. Defme the terms gram-equivalent, milligram-equivalent, and normality of a solution. 

24. Find the gram-equivalents of the acids, bases, and salts in the following reactions: 

HBr-i-NHiOH = NH,Br-i-H.O 
HjSO^+CafOH). = CaS04+2H.0 
HsSOi+NaCl = NaHS04+HCl 
Mg'(OH).+HCl = MgOHCl+H.O 
2AI(OH)a+3H^04 = A] 2 (S 04 ) 3 + 6 H :0 
KjCr.O,+2BaClj-l-H20 = 2BaCrO,+2Ha+2KCl 

25. Calculate the titres of : (a) I.OOON HBr, NH^OH, and BaCl, solutions; (b) 0-1000 
N Ca(OH). and NaCl solutions; (c) 0 02000 N KjCr-Oy solution when the respective 
substances take part in the reactions listed in the preceding problem. 

Answer: (a) 008092 g/ml, 003505 g/ml, 0-1042 g/ml; (b) 0-003705 g/ml, 
0-005846 g/ml; (c) 0-001471 g/ml. 

26. What are the gram-equivalents of the oxidising and reducing agents in the following 
reactions; 

2KMn0, + 5HN02+3HjS04 = 2MnSO,-i-K3S04+5HN03-f-3HjO 
2CrCl3'f3Br2 + 16K6H = 2K2Cr04-}-6KCl+6KBr + 8H.O 
K2Crj07-f-3H3S-f4H2S04 = Cr.(S0,)3+K3S04-h7H.0+ |3S 
KCl03-!-6HCI-i-6FeCl; = 6FeCl3-i^KCl-|-3H30 

27. What does n represent in the formula for the gram-equivalent 

M 

g-cq=- 

(a) in oxidation-reduction reactions; (b) in exchange reactions? 

28. What are the normalities of solutions containing, per litre, (a) 4-0106 g HCl; 
<b) 4-8059 g HjSO,? 

Amwer: (a) 0-1100; (b) 0-09797. 

29. Find the normality of an HCl solution if its titre is 0 003592 g/ml. 

Answer: 009858. 

30. What is the titre of a 0-1205 N H^SO, solution? 

Answer: 0-005909 g/ml. 

31. What is the weight of KOH in 200 ml of a 0-09200 N solution? 

.'Imvver; 1-032 g. 

32. What are the normality and titre of an HNO3 solution if 20-00 ml of it lakes 
15 ml of 0-1200 N NaOH solution? 

Answer: Normality, 0-09000; litre. 0-005672 g/ml. 

33. Calculate the weight of HjSO, in 5 litres of a solution if titration of 25-00 ml of 
this solution lakes 22-50 ml of 0-09500 N KOH solution. 

Answer: 20-97 g. 
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34 How many gram.:quivalcnts arc con.amcd in(a) 1 8909 5 of chcmicitK pure oxal.c 

acid 2H.O; (b) 20 ml of 012 N NaOH soluuon * 

Answer: (a) 003000; (b) 00024. 

35 How many milligram-equivalent, arc contained m (a) 0 4240 g of chenncalh pur. 
NaXOa; (b) 50 ml of 0-20 N H,SO. solution . 

Answer: (a) 8*0000; (b) 10. , • \ 

3fi What are the normality and tiire of a KOH solution if 26 00 ml ot n u as required 
for fitra^on of 0^560 s of chemically pure (dibas.cl soccn.c acul H.C.H.O,, 

M = 0.10,61 T = 0.05,00 « ,oH 

so,uUo:i^wrs'fcou.^^for^-l”nTd.r506 g of Ihc sanrplc d.sohed in an arhnrar,. 
volume of water? 

Answer: 96-79%. . 

38 Explain the metming of the expressions ThCI/ N a=CO, and Tn .,, ,, no. 
gratis !f which substance is each of these titres given? ^ 

39. Titration of 0 0340 gAgN03 took 20 00 mi of an HCl solution. CaUula.c nil .vg- 

Answer - 0 00108 g/ml Ag. , , j 

>4«civ^-r- 0002189 g CaO/ml. 

41. de.crm,na.i^s or^cc .n s^er^o^a. ^ ,^n 

solution of K c O, lakes 25 1 5 ml of tlie given NaOH solution . 

Answer: 0 006486 g titration of a PeCl, solution obtained 

from 0r00?oMhrom"^^^^^^^^^ ' 

== 0-006500 g/ml? 

What^L^t tiires of 0-09000 N sulphuric acid solulion: (a) fur Ba(OH),; ,b) for 
NH,; (c) ,b, 0 00,533 g/mll (c) 0 001261 e/ml. 

Answer: (a) 0 00771 e/ ^ solulion which look 22 00 ml of 0 1200 N HCl 

44. Calculate the weight number of gram-cquivalenls of HCl used; 

solulion for mration. t^i / 

(b) by calculation of Tuci/Na.co.- ^ ^ ^ 

8"^9_MaiCOj “ "2' “ 2 

^Tha.”!”! *of chemically pure Na,CO, should be taken so that titration of its 

soluUon w?uld fake 20-30 ml of 01 N H,SO. soluhon, 

Ainxwer* About O'll*0*16 g. . • 

4fi HOW many millilitres of 0 0200 N KMnO, solution would be required for titration 

of 20-00 ml of 0 0300 N FeSO, solution? 

Answer- 3000 ml- 

.«iUiliires of 0-02000 N KMnO, solution would be required for titra- 
.i„r„f”rFTsO^ “Jl’t^c^nfalnlne 0-0200 e of Iron, 

Answer: 17-9 ml 
14 — 600l. 
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48. It is required to prepare a solution each millilitre of which precipitates (in presence 
of NH4OH) I 0 mg of Ca + from solutions of calcium salts. What weight of chemically 
pure H.CjOj • 2H80 should be taken, dissolved in water, and made up to 250 0 ml in 
a measuring flask for this purpose? 

Answer: 0*7863 g. 

49. What is the titre of a KjCr.O, solution if 1*00 ml of it corresponds to exactly 
0-5% of iron in titration of a FeCl. solution prepared from an ore sample weighing 

0*2000 g? 

Answer: TKjCrtOi— 0*000878 g/ml. 

50. Calculate the normality of a 40% CaCI. solution of sp. gr. 1*396. 

Answer: Approximately 10 N. 

51. Calculate the molar concentration of 10% NH3 solution (sp. gr. 0*958). 

Answer: Approximately 5*6 Af. 

52. How many millilitres of 2*00 N HNO3 solution should be taken for preparation 
of 3 litres of 0*1000 N solution? 

Answer: 150 ml. 

53. What volume of 1 N HCl solution is equivalent to 23*8 ml of 0*20 N HCl solution? 

Answer: 4*8 ml. 

54. How many millilitres of 20% HCl solution of sp. gr. 1*098 should be taken for 
preparation of 5 litres of 01 N solution? 

Answer: 83 ml. 

55. How many millilitres of 10% HO solution (sp. gr. 1*047) should be added to 
50 ml of 37*23% solution of sp. gr. 1*19 to give a 25% HCl solution? 

Answer: 46 ml. 

56. How much water must be added to 200 ml of 46% HNO3 solution (sp. gr. 1*285) 
to convert it into 10% solution? 

Answer: 925 ml. 

57. How much water must be added to 1 litre of HNO3 of sp. gr. 1*405 to obtain 
nitric acid of sp. gr. 1*193? 

Answer: 1,581 ml. 



CHAPTER y 

the neutralisation method 

§ 58. The Principle of the Neutralisation Method 

The neutralisation method includes all volumetric determinations based 

on the neutralisation reaction. 

H+ I-OH" H.O 

By this method a ,clry^ or 1 st "ndL^soludon of an 

talive determination of alkcd ^ (.ikolimetry) * 

alkali can be used for qu. volumetric determinations which 

This method IS used tor for example, for deicrmina- 

involve neutralisation m onj. * y Na..B,07 have a strongly alka- 

tion of certain salts therefore be titrated 

line reaction as the ^ hardness of water; for determination 

dcicrmination^on^^^^ organic compounds. 

of ammonium salts, loi u 

etc. , . ,he neutralisation method are an acid 

The main H go > and an alkaline solution (usually NaOH 

solution (usually HCl or 

or KOH). conform to the conditions for primary standards 

These substances do not con prepared from exact 

wt^rdt^dn^lcrmim vTumes; they mu. be standard, sed by ...rat, on 
(or gravimetrically). standards for standardisation of acids are 

The commonest pnmary -^^ carbonate NaX03. These substances 
borax Na.^B^O^- lOH^O and strictly corresponding to their formulas 

can be obtained practica y p solutions arc strongly alkaline and 

by recrystallisation. As statca, 

can be titrated with dardised against oxalic acid HXo04-2H..0 

Alkalies Both these acids arc crystalline solids. They 

or succinic acid ‘ ^ . .j.^spond to their formulas after crystalh- 

arc also obtained quite p ^ygoient as a primary standard than oxalic 

sation. Succinic acid is of crystallisation and there is no risk of 

acid, as it does not conum w 
efflorescence when it is kept. 


• See footnote to P- 178. 
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We know from qualitative analysis* that any aqueous solution, regard- 
less of its reaction, contains H and OH“ ions as the result of dissocia- 
tion of water. The product of the concentrations of these ions at a given 
temperature is (approximately) constant.** At 22° C in any aqueous 
solution 


[H^] [OH'] = A'„^o = 10““ (1) 

Table 7 shows that the ionic product of water Kw^q increases rapidly 
with temperature. 


Table 7 

Tonic Product of U’atcr (A'n o) at Varioas Temperatures 


Tetnper* 1 
aiurc 
"C 

^H,0 

|H - 1= (On 

0 

0 13 10-" 

0-36 10 -■ 

10 

0 36 10-" ' 

0 59 10 * 

20 

0-86;10->« , 

0-93 10-' 


100 - io-'‘ : 

100 10"* 

30 1 

1 89 • 10“'* 

137 10-* 


Temper- 

ature 

C 

^'h ,0 

1 

1 

1 tH‘]=[OH-) 

1 

40 

1 

3-80 • 10-" 

195- 10-' 

50 

5-60 • 10 1 

1 2-40X 10-' 

60 

i 12-6xl0-'‘ 1 

3-50x10-’ 

80 

340x10-'* 1 

5-SO < 10"’ 

100 

740-. 10-‘* i 

8-60x10-’ 




By the theory of electrolytic dissociation, acidic properties of solutions 
depend on H ions, and basic properties on OH “ ions. The concentra- 
tions of these ions should be equal in water and in all neutral aqueous solu- 
tions. Therefore, at 22° C these concentrations are: 


[H ^ _ [OH ) I A'lijO = 1 10 = 10 ' g-ion/Iiire 

In acid solmions 


[H^ ] >[OH ], Le., [H- J^IQ-' and [OH"]< 10 
In alkaline solutions 

[OH “] [H ■ ]. i.c.. [OH ] r- 10 ^ and [H + l-:10-' 

Since tlic concentrations ol 1 1 ~ atid OH ‘ ions are in inverse proportion, 
as represented by Equation (1), it is possible to represent the reaction of 
any solution quantitatively by the concentration of one of these ions, as the 
concentration of the other is thereby fully determined. For example, if 
the H ' ion concentration of a solution is 10“‘“ g-ion/litre, the OH“ 
ion concentration i^ 

10 1' : 10-“' = 10 

and the solution has an alkaline reaction. 


• V. N. Aloxeyev. Qimlitarive Analv.sis. § Goskhimizdat, 1954; and V. N. Alexeyev 
Course of QuaHuuive Chcnucai Seiniinicroanalysis. § 19, Goskhimizdal. 1958. 

Strictly speaking, it In not ilic prcxluci of the concentrations but the product of 
the activities of the 11 ' and OH ' ions xshich is constant, i.e., 

Oil + = Ajij,) 
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known as the hydrogen and hydroxyl exponents, p P 

pH = -log [H ^ ] ; pOH = -log [OH " ] 

If we take logarithms of Equation (I) and reverse the signs, wc have 

—log [H — log [OH - ] = 14 

pHa.pOH = 14 

The relationship between the H ^ and ^ T^bk s" ” 

and pOH values, and solution reactions is illustrated m I able «. 

Table 8 

Relationship Bctnccn |H* h |OH-|, pH, pOH, and 

Solution Reaction* 


IH * 1 


10 -' 
10 -- 
10'^ 
10 -' 
10-^ 
10 "® 


(OH - 1 

pH 

pOH 

io-'“ 1 

I i 

i.t 

10-'- 

•> 

12 

I0-" ‘ 

y * 

n 

10-'" ; 

4 ' 

10 

10-" 1 

5 

9 

10 , 

1 

6 1 

8 

10 -• 

7 

7 

1 

10 -® 

8 

1 ^ 

I M 

l0-» 

y 

5 

10 ' 

10 

4 

10-" 

11 

y 

10-- 

i: 

1 2 

10-' 

1 

^ 1 

1 

1 >4 

1 0 


Rcatiiion 


Nctitrul 


,0-H 10- I ® i ^ 

10 '• 10 -» ^ 

10 ■ 10 4 - 

10-" 10-" $ 

10-'* ‘0-; - [ - 

10-'^ 10-' \ \l \ I 

IQ-h 1 I ® •• 

I 1 • 

• Uw difcuioiis of acuity and alkalmity increase. 

• Vertical arrows mdicau me 

TT X KI. R it follows that: (a) in neutral solutions the pH (and also 
pOHjTs 7 ?(b) in ttcid !olut.ons pH is less than 7 and diminishes with mereas- 

.. .U lo n ■»12 pH and pOH are defined more precisely 

. ““ - 1 ;r 

_l_l ^ — iQg an ^ *ind pOH — log floH 

. rtf Ihe ions instead of their activities, because this changes 

th^rv^fues v“y"mrapd the resulting tnaecuracy does not invalidate any of the con- 

elusions. 
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ing acidity; (c) in alkaline solutions pH is greater than 7 and increases 
with increasing alkalinity; (d) a pH increase of one unit corresponds to a 
tenfold decrease of H ion concentration. 

If a solution of any acid is titrated with an alkaline solution, the OH“ 
ions of the latter combine with the H + ions of the acid and the concentra- 
tion of the latter gradually decreases while the solution pH increases. At a 
certain definite pH value the equivalence point is reached and no more 
alkali should be added. 

When a solution of an alkali is titrated with an acid solution the OH” 
ions arc removed by the H ^ ions, and the concentration of the latter grad- 
ually increases while the solution pH decreases. At a certain definite pH 
value the equivalence point is reached and the titration must be ended 
at that point. 

The pH value at the equivalence point depends on the nature and concen- 
trations of the reacting substances (acid and base).* 

Foi example, the titration of a strong acid with a strong alkali proceeds 
as follows: 

HCl - NaOH = NaCl h H.O 


In this case when the equivalence point has been reached the amount 
of alkali added is equivalent to the amount of acid being titrated, i.e., 
at that point the solution contains only the salt (NaCI) formed in the reac- 
tion, without any excess of acid or alkali. Salts of strong acids and strong 
bases arc not hydrolysed and therefore have a neutral reaction (pH = 7). 

Therefore, in iliis instance tlic pH value at the equivalence point should 

be 7. The same is e\idently true in titration of any other strong acid with 

any strong base, or in titration ol a strong base with a solution of a strong 
acid. 

However, if a weak acid '^uch as acetic is used, the following reaction 
occurs in the titration: 

CH,,COOH NaOH . CH,,COONa ■ Hp 

-^Al the equivalence point the solution contains the salt CH.,COONa, 
which is hydrolysed as foHous; 

CHaCOONa i H.O _ CH.COOH rNaOH 

It is seen that hydrolysis is a reaction which is the reverse of neutralisation. 
In this case the leaction taking place during the titration is reversible and 
docs not go to completion. Some of the acid and alkali used remains 
in the solution in the free state. At the equivalence point the amounts of 
free CH3COOH and NaOH are, ot course, equivalent to each other. 

^ The method for calculating pH at the equivalence point will be described later. 
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sf(°rh"SSir— Up,-,, p,... ~ 

■Thr«“ tSp" v.Tp” pH . ■»< ■“ ■' f" ■ ’ •• 

in titration of HCI. . . . .hows especially clearly that solutions 

"n For example, the equal, on for hydr^ys.s 

CH.,COONa -h Hp r-CH:,COOH NaOH 

may be written in the following form: 

Na- + CH 3 COO-+Hp-^CH,COOH : Na OH 

Omitting the Na^ ions, winch rema.n unchanged, rve f.nal.y have. 

CH.COO + HO ^ CH 3 COOH - OH 

*• tk'it in this c'dsc hydrolysis is ncconipi^- 
I, is clear from this lonjc must therefore make tite so- 

nied by an increase of OH ion conn-n 

’“^iul^^’w'find that when weak bases are titrated with strong ac.ds, 
as, for example. ^ ^H,C1 HO 

rhe reaction of the h" il^"s e^^i 

^rlh^^'nil’ Ration for the hydr^y.^^^ 

NH,-*-+H 0 n NH,OH + H 

Therefore, in this case the pH at the equ.valence point must he less 

than 7.* , . rases titration must he ended at dif- 

"on >l<e nan.re (and cancan, ranons) of rcacing 

acid and base. 

§ 59. Indicators for the Neutralisation Method 

, is known that sihSf:!^,^ 

Slriirth^dtlmrm order to determ.ne the equ.valence 

point. 


• For fuller 
Goskhimizclat. 
analysis. § 46, 


dcuils of hydrolysis. s« 
1954; or V. N. Alexeyev. 
Goskhimizdat. 1958. 


V N. Alexeyev, Qtialiialin' Analysis. § 41. 
Course of Qtialiiaiiye Chcniiail Henitmicio- 
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It was Stated earlier that when the solution acquires a definite pH value 
this is a sign that the equivalence point has been reached. Therefore, sub- 
stances which change colour in accordance with pH are used as neutrali- 
sation indicators. They include litmus, methyl orange, phenolphthalein, 
and many other substances. The colour of each of these changes over a 
definite narrow range of pH, and this range depends only on the properties 
of the given indicator and is quite independent of the nature of the reacting 
acid and base. Because of this, the colour change of an indicator generally 
takes place not strictly at the equivalence point but with some deviation from 
it. This deviation leads to a certain error, known as the indicator error 
in titration. The magnitude of this error varies over a wide range, in accord- 
ance with the indicator used and with the kind of acid and alkali used 
in the reaction. If the indicator is chosen correctly the error does not 
exceed the usual limits of analytical error and may be disregarded. On 
the other hand, if an unsuitable indicator is used the error may be very 
considerable. 

One of the most widely used indicators is methyl orange, which is yellow 
with alkalies and red with acids. However, if a 0*1 N acetic acid solu- 
tion is titrated with O'l N NaOH solution in its presence the red colour 
of the indicator changes to orange* at the point when only 15% of 

the CH3COOH has been neutralised. In this case the indicator error is 
enormous (85'’,',). 

It might seem at first sight that it is nevertheless possible to obtain the 
correct result. If it can be found exactly how much alkali is required for neu- 
tralisation of 1 5'’o of the acid taken, it should be easy to calculate how much 
would be needed for 100'*,,. 

However, in reality ilic situation is much more complicated, because in 
this instance the indicator does not change colour sharply (i.e., by addition 
of one drop of alkali), but very slowly and gradually. When 25 ml of 
O' 1 N CH3COOH solution is titrated with NaOH solution of the same concen- 
tration about 4 ml ot the NaOH solution is required to change the red colour 
of the indicator to orange. This evidently makes titration of CH3COOH 
in presence of methyl orange practically impossible, because the point at 
which the titration must be stopped cannot be determined exactly. On 
the other hand, if the same titration is performed with phenolphthalein as 
indicator one drop ot alkali at the end of the titration produces a sharp 
colour change and the indicator error is only 0 02'*o, i.e., it is within the 
limits of experimental error. 

This example shows the f*reot significance of the selection of a proper 
indicator in titration. For a clear understanding of this fundamental problem 
in volumetric analysis we must consider the theory of indicators. 


• Titration in presence of methyl orange is visually ended when the colour becomes 
orange, mtcrniediate between red and yellow. 


§ 60. Theory of Iiidicaiors 
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§ 60. Theory of Indicators 

Chemists have long been aware of the importance of indicators in volu- 
metriranalvsis However, until the end of the last century investigations 

could provide a common viewpoint for all the great vane y 

““sxs;- “ i-si t:s 

(azolitmic), the undissociatcd ^ ^ . symbol Hind, and its 

follows: 


Hind 

red 


H + +Ind 

blue 


When li.mus is dissolved in 

together with its ions, con c ajded the above equilibrium is shifted 

If a drop of an ac.d as HCI .s add^d tIK ^ 

rnd-\n[o„sV='ent ■n"he solut.on lo form und.ssocia.ed Hind molecules, 

and the solution turns red^ solution then the 

On the other ^ h ' ions of the indicator to form 

OH Iccules As a result the dissociation equilibrium of 

r '^rat? irihifrd'rlhc righ., .cadmg to an increase .n the amount 

°'B^Vfo^ts"of^itmt(Hl^m^ules“nd Ind- ions) are coloured. 
It is an coloured form whde the other is col- 

oudiss'' Th^y nc ude°pie Jph^halein, which is colourless in add solut.ons 
ouricss, ^ coiutions Since this indicator is a weak acid, so that its 

and red 1" “““houW predominate in acid solutions and an.ons 

ill" Siie solutions, the dissociation of phcnolphthalcin may be represent- 

ed as follows on the basis of the theory: 

Hind - H + +lnd- 

colourless 
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By analogy, the colour changes of other basic indicators can also be 
explained in the light of the ionic theory of indicators. 

If the undissociated molecules of such an indicator are denoted by IndOH, 
and its cations by Ind then its dissociation in solution may be represent- 
ed as follows: 

IndOH z: Ind + -rOH- 


Addition of alkali to the solution shifts the dissociation equilibrium of 
the indicator to the left, and the solution acquires the colour of undisso- 
ciated IndOH molecules. When acid is added (and OH" ions thereby 
removed) it is shifted to the right, and the solution acquires the colour of 
Ind"*" cations. 

Thus, the ionic theory of indicators explains very simply and clearly 
the changes in the colours of indicators when H-^ or OH ' ions are added 


to their solutions. Another important advantage of this theory is that it 
allows of quaniilaiivc interpretations. 

However, recent experimental investigations by a number of scientists 
have shown that this theory is not quitccorrcct. It was found that the colour- 
ing of organic compounds depends on the structure of their molecules, 
and a colour change can therefore occur only as the result of some intramo- 
lecular rearrangement which changes the structure of the indicator. These 
investigations have given rise to another theory of indicators, known as 
the c/ironwphorc ihcorv. 

I lie origin ot this name is that the colour of organic compounds is attrib- 
uted to the presence in their ntolecules of certain atomic groups (radicals) 
or groups ot double bonds, known as chroniophores. 


The chroniophores include the nitro group 0=N-0, which can be con- 
verted into the O N— Oil group, and the azo group — N = N — , which 

I 

under certain conditions is transformed into the =N— NH group. The 
quinoid group is anoilier very important chromophore. 

riic quinoid group is formed jrom the benzenoid group as follows: 



I, 



I 

I 

bvnrcnc nucleus 


Muini'id ^!ioup 


and. by Ihc chromophore ilicory, it is \ery often responsible for colour 
changes ol indicator^. In addition lo tlie groups mentioned above, the 
chiomophores include arrangcincni^ of several carbonyl croups >-C=0 
or double bonds close to each other etc. 
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The colour of organic compounds is also influenced by the presence 
of another type of groups, known as auxochromes. In distinction from chro- 
moDhores auxochromes cannot by themselves confer colour to a compound 
but^ when’ present together with chromophores they augment the action 

of the latter and deepen the colour produced by them. The most 

Krrtmpc iirf'the OH and — NH., groups, and also groups formed by 

?e7aSrnrorMrogen°a“o:^s ,n -Nh! by^var.ou. radicals; for exanrpic. 

~Bi*^th^chromophoK’ theory the colour change of an indicator is the 

th^s ; ‘"k r 

cator contains different tautomeric forms, differing from each other 

'^thl tht;" caT be rnuarmed w?,.: eomp.e of paranitropheno. indi- 
caS; wWerhat "a much simpler structure than o.her^common indicators. 
In this case the following tautomeric change occurs . 


0=N = 0<-: 


1 

Z 

11 

o 

1 


II 

\ 

' s * 



^ 1 ^ 


11 11 

\ 

' / 


\ 

1 _ 


1! 

0|Hl ■ 


0 

colourless 


yellow 


The above scheme shows that this change essentially consists in tlie 
conversfon of the benzene nucleus into the quinoid nucleus. Formation o 
Se auino?d nucleus is the cause of the colour change of paranitrophenol 
when th° solution is made alkaline. When it is acidified the equilibrium 


• it Will be remembered that isomers is the name given in organic chemistry to com- 
pounds of tVesamTcomposit.on but of different structure, and therefore differing m 

properUeSa ,hows that the tautomeric change is 

the Jnscadnee of transfer (migration) of the hydrogen atom from the hydroxyl group 
to o^eTthe omens in the niiro group. As a result the single bonds between the O and 
N atoms and the benzene rings become double bonds. This, in Us turn, causes a rcdis- 
tribution of double bonds within the benzene nucleus. 
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between the two tautomeric forms is shifted in the opposite direction and 
the indicator changes from yellow to colourless. 

The colour changes of other indicators are explained similarly by the 
chromophore theory.* 

It may appear that the ionic and the chromophore theories give quite 
different pictures of the processes taking place in indicators, and at first 
sight seem incompatible. However, they are not mutually exclusive; on the 
contrary, they augment each other very well. 

It may be regarded as conclusively established that colour changes 
of indicators are associated with changes in their structure. Why do changes 
in structure take place when acids or alkalies are added to the solutions? 
An answer to this question must be sought in the ionic theory of indicators. 
In full agreement with this theory, one (and sometimes both) of the tau- 
tomeric forms of a neutralisation indicator is either a weak acid, or a weak 
base, or an amphoteric substance. In the case of paranitrophenol the yellow 
tautomer is an acid. This becomes evident if we notice that the OH group 
in the molecule of this tautomer is a part of the 0=N — OH group, 

i.c., it is linked to an oxidised nitrogen atom, as in molecules of nitric 
(0=N— OH) or nitrous (0=N— OH) acids. 

II 

O 

The structural analogy should correspond to an analogy in properties, 
such that all three compounds have acidic properties, i.e., are able to split 
off hydrogen from the hydroxyl groups in the form of H'*' ions when in 
aqueous solutions. 

Therefore, in a solution of paranitrophenol there should be two equi- 
libria; equilibrium (1) between the two tautomers, and the dissociation 
equilibrium (11): 


O N - O 

O - N- 

\ 

\ 

.v 

tl \ 

ii 

(i> 

A 

il 1 

1 


Oil 

O 

coti>urlc6S 

ycHow 

{A) 




0=-N— O 

II 

/ 



II 

O 


ycDow 

(C) 


The existence of these equilibria makes it quite easy to understand the 
connection between the solution reaction and the colour of a given indicator. 


* Fuller details are given in the descriptions of the most important indicators. 
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SuDPOse for example, that we have a yellow solution of paranitrophenol 

Nearly all of the indicator is present m solution m the form J 

which are in equilibrium with a small amount of undissocialed moleeuks 

of tautomer (B), and the latter are in sh.Ticd trihe el ‘ 

Tf anv acid is added to the solution, equilibrium (11) is shiktd to tlK ut 

Sir :r=;r Lrxra ;rr 

,h, i. * srrrr 
sirsr Siirr . ,»> » — .« 

3ii§IS=HSiS5= 

disappear from the solu.icj while the concentration of antons (C) 

*Tu^us cle^thm^-^/t^ioped ihe two theories merged in a 
single ionic-chromophorc f ,he dissociation equilibrinm 

:e^:nsir'^1f the indicators most commonly used 
in analytical practice. 


. The Ihrmules ^ 

rui“rrn 

islry. 
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tablished in solution: 


\ 


\ 






/ 


>-OH 


o=c O ^ ' 

colourless 




When OH ions arc introduced into the solution the equilibrium shifts to the right. 
This results in a change of colour. 

Phcnolphthalcin is used as O and \% solutions in 50^o alcohol. 

LUmus IS the colouring matter from a species of lichen {Lacca musci). Its active prin- 
cipk‘ IS azolitmic acid, of which 4-5® o is present in litmus. Its structure is unknown. 

For preparation of litmus solution the commercial product is first treated several 
tirncs with 80'‘„ alcohol on heating to extract all coloured impurities, and the residue 
IS boiled with water. The aqueous extract is used as the indicator. 

Methyl orange is classed as a basic indicator. More correctly it is amphoteric, as 
Its molecules contain both acidic radicals SO 3 H and basic groups N(CH 3 )j. Dissociation 

ol methyl orange molecules gives rise to amphoteric ions bearing positive and negative 
charges simultaneously: 


H.C _ 
N 

H;,C 


N— NH~ 


>-so, 


When the solution is acidified the concentration of these ions increases and the solu- 
imn becomes red. When alkali is added these amphoteric ions react with OH ~ ions; 
this reaction is accompanied by a change in the structure of the indicator and a colour 
change from rod to yellow : 


H 3 C , 


N - 

H 3 C 

-N— NH— 


red 

H 3 C 

s 

H 3 C 

■N— ^ ^-.N=.N— , 

\ 


yellow 


— sor-fOH- 


>-S03 fH;0 




Methyl orange is used as an 0 T/o aqueous solution. 
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Melhyl red is also a basic indicator. Its change of colour occurs in a tvay similar to 
methyl orange according to the scheme 


H,C 


H3C 




COO 


red 


H,C 




N-< / 


+ H;0 


COO 


yellow 


Generally a 0-2% solution in 60? „ alcohol is used. 

§ 61. Indicator Range 

Neutralisation indicators^chan^ obviously 

10ns mto their solut • ^ ' y that the colour of an indk aior 

Ssir;" :n/rhc;'e^::frch .ndica.or^s can be described as rM btt/f- 

relatior^ip b~ .He 

Ltairs-ly .bis .hcory the fol-owing sys.en, of tn.errelated 
equilibria exists in a solution of an acidic indicator. 

,1) (ID 

Hlnd®:;^ Hind - H + + Ind 

Here Hind® represents one and Hind the other tautomeric form, and 
Here Hind rep formed from the latter. Since the indicator 

Ind '■epresents entirely in the form of Hind® molecules in strongly acidic 
solutions m the form form of the mdi- 

cat^^ we ca^ a^pTyVhH^w of mass action to each of the above e.u.Ubna 

(I) and (II). We then have: 

(a) for equilibrium (I) 


(Hindi _ 
"(Hind'') 


taut. 


• Clearly, in the case of basic indicators where the solution equilibria can be repre- 

IndOH- ^ IndOH Ind + +OH- 

thc acidic form consists of Ind^ cations, and the alkaline form^of IndOH" molecules. 
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(b) for equilibrium (11) 


[Hlod] 




diss. 


Multiplying these equations together term by term we have: 


[H-)nnd-l[HIndl _ j, „ 
[Hind] [Hind"] ’ 


Jiss.^taut. 


Cancelling [Hind] from the fraction and denoting the product of the 
two constants by K we have 


or 


[H^nnd-l ^ ^ 
(HInd"J 


[H-^] •Catk.f. _ ^ 
Cacid. f. 



The constant K is known as the apparent dissociation constant of the 
indicator.* 

Solving Equation (1) for [H ], we have 


[H + ] = 

Caik.f 

and hence 


-log [H+]=-logA:-log^5!i-t^ 

^alk. f. 

and finally 

pH = p;^: — loe (2) 

Qlk.f. 

Here pK = — log K is the so-called indicator exponent. 

Equation (2), which is the fundamental equation in the theory of indi- 
cators, represents the relationship between the colour of an indicator and 
the solution pH. 

When several drops of an indicator are added to a solution of a definite 

pH value, '‘‘‘t'o corresponding to this pH should become 

established. However, these two forms of the indicator differ in colour, 
and therefore the colour shade of the indicator in the solution depends 
on the value of this ratio. 


• Evidently the same equation could be derived from the ionic theory of indicators, 
the only difference being that K would then be the true and not the apparent dissociation 
constant of the indicator. 
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Since the indicator exponent pK is constant for any given indicator (at 
constant temperature), it follows from Equation (2) that any change of 

solution pH must alter the-^^' ratio. However, far from every change 

of this ratio is perceived as a colour change. The ability of the human eye 
to perceive colours is limited, and usually the eye fails to detect the present 
of one of the coloured forms of an indicator together with the other if the 
concentration of the former is one-tenth of the concentration of the latter. 
Accordingly, the colour of any indicator changes, not with any change of 
pH, but only within a certain pH range which is known as the useful range 

of that indicator. 

This is illustrated more clearly by Table 9. 

Table 9 


Colour Changes of an Indicator with Changes of SoluUon pH 


.K-\ 


.K-^l 




99-99 99-9 99 91 70 60 50 40 30 9 1 0 1 001 etc 


Caik.f.* 001 01 


1 9 30 40 50 60 70 91 99 99-9 99-99 etc 


Colour 

Red 

1 .. 

— 1 

Redder | Bluer 

Blue 



< i ' 

Violci 



Useful Range 

/- r . *rc Bivcn as pefc<ntag«s of ihe total indicator concentration. 

• The concentrations C»cii.i. and c»ik.f. 


The data in Table 9 apply to the case where the acidic form of the indi- 
cator i.e. the undissociated Hind® molecules, is red (as m litmus), while 

the alkaline form (Ind- cations) is blue. Let us first 5 ®"' 

centrations of the two forms in a given solution are equal, each being 50 o 
“ Toil indicator concentration. The colour of the solut.on ts then 
evidently violet. At what pH does this colour appear? This is easy to calcu- 
late from the equation 

pH = pA:-log-^^ 


Substituting the appropriate values of Cacid.r. and Cam. r. 
equation we have: 

pH = pA: — log^ = pA^ — log 1 = p/f 

Thus the intermediate violet colour appears at the point when the solution 
pH is equal to the indicator exponent pAT. For example, if K for the indicator 

15 - 6001. 
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is 2-5x10“®, this occurs* at 

pH = pAT = — log 2-5x10“® = — (0-4 — 6) == 5*6 

Now suppose that the solution pH is gradually lowered by addition of 
some acid. The equilibrium between the two forms of the indicator is then 
progressively shifted towards an increase of C add. r. with a corresponding 
decrease of Qlk.f. 

While Cadd.f. Passes from 50 to 91% and Cajk.r. 50 to 9% the 

solution becomes progressively redder. At the point when the ratio 

Calk. f. 

10, the eye ceases to perceive the blue colour of the Ind” 


becomes 


91 


ions altogether and the solution appears red (without the slightest sign 
of a violet tinge). 

91 

This colour appears at pH = pA' — log — = pA" — log 10 = pA^ — 

— I (i.e., at pH = 4-6 in this example). 

If the addition of acid is continued, no further colour change perceptible 
to the eye is produced despite the continuing increase of Cadd. r. and decrease 
of Qik. f.- ^0 fact, the blue alkaline form of the indicator can no longer 
be detected when its concentration is 0-1 of Cad,i. r. (i-C-. at pH = pA— 1). 
Therefore, now (at pH < pA — I), at an even lower concentration of the 
alkaline form, its presence in solution cannot possibly affect the colour. 

Quite analogous effects arc observed when alkali is added to a violet 
solution of the indicator. The equilibrium between the two forms of the 
indicator is then shifted towards an increase of C^ui. t and a decrease of 
Qcid f.- the former reaches 91",. and the latter 9",„ i.e., until the 

becomes 01. the solution will be getting progressively 


ratio 


( ;m i.| f. 
Qlk. f. 


more blue, the colour reaching its maximum at 


pH ^ pA — log 01 = pA r- 1 
(i.e., at pH = 6 (i in this example). 

No matter how much more alkali is added to the solution after this, its 
colour remains exactly the same (blue) as at pH = pA'- I. 

Therelore. the useful rmuje of an indicator usually extends by one unit 
of pH on each side of the pA of that particular indicator, i.e. 

pH range = pA - I (3) 

For example, the dissociation constant of phenolphihalein is I0“® and 
its useful range should therefore be between pH = 8 and pH = 10; this 


• These values refer to the indicator laemoid, which owes its name to the similarity 
of its colour changes to those of litmus. 
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is found to be the case. Up to pH = 8 the colour of the acidic form of the 
indicator is observed, i.e., the solution is colourless, while from pH — 10 
onwards the colour of the alkaline form (red) is seen. In the range from 
pH = 8 to pH = 10 the colourless solution gradually turns bright red. 

Similarly, for the indicator phenol red (A: = 6-3x10 *) .P^ = 
__ iog6-3xl0“»=— (0-8— 8) = 7 - 2 . Therefore, according to Equalion(3), 
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Fig. 44. Ranges and colours of the most imponani pH indicators 

its range should be between pH = 6-2 and pH = 8-2. In reality it is somewhat 
narrower (6-4 to 8-0), because the eye is less sensitive to the colours of this 
indicator In this case the eye ceases to perceive one of the forms of this 
indicator at the point when the concentration of one form is 6 3 and not 
10 times the concentration of the other. Therefore, the range is pH = 

= 7-2 ±. log 6-3 — 7-2 ± 0 - 8 , i.e., 6-4 to 8 - 0 . c u \ a 

In the case of methyl orange the eye ceases to perceive one of the coloured 

forms when its concentration is only 1/4 that of the other. Therefore, the 
useful range of this indicator is considerably narrower than that of the 
other indicators, being between 3-1 and 4-4. At pH = 3-l or less the eye 
sees the colour of the acidic form of the indicaior (red), and at pH = 4 4 
it sees the colour of the alkaline form (yellow). Within this pH range the 
colour of methyl orange gradually passes from red to yellow, so that a 
definite tinge corresponds to each pH value in this range. 

15 * 
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Many pH indicators are known, and their apparent dissociation constants 
vary considerably. Because of this, the ranges of difTerent indicators cover 
almost the entire pH scale from pH=0to pH = 12 and over. This is 
illustrated by Table 10 and Fig. 44, where the ranges of the most important 
pH indicators are represented by shaded squares. The figure also shows 
(by initials) the colours of the acidic (left) and alkaline (right) forms of the 


indicators. 


Table 10 


Ranges of the Nfost Important pH Indicators 



1 

Conceit- 
tratioQ 1 

1 

Nature 

Colour j 


Indicator 

Solvent 

of 

indi- 

cator 

Acid form 

Alkaline 

form 

pH 

range 

Alizarin yellow 

1 

Water 

01 

j Acid 

Yellow 

Violet 

101-120 

Thymolphthalein 

90?/^ alcohol 

01 

Acid 

j 

Colour- 

Ipcc 

Blue 

9-3-10-5 

Phcnolphthalcin 

60% alcohol 

01 & 1-0 

\ 

Acid 

iVdd 

Colour- 

less 

Red 

80-100 

Crcsol purple 

20% alcohol 

005 

! Acid 

Yellow 

Purple 

7-4-9-0 

Neutral red 

60% alcohol 

1 0 1 

1 

1 

: Basic ' 

Red 

Yellow- 

brown 

6-8-80 

Phenol red 

20% alco- 
hol* 

iOl 

Acid i 

1 

Yellow ^ 

Red ; 

6-4-8-0 

Bromthyniol blue 

20% alco- 
hol** 

0-05 

Acid 

1 

Yellow 

1 

Blue 

1 

j 6‘0-7-6 

i 

Litmus (azolitmin) 

Water 

10 

Acid 

' Red 

! Blue 

50-80 

Methyl red 

' 60% alcohol 

O-I i 0-2 

Basic 

Red 

' Yellow 

4-2-6'2 

Methyl orange 

Water 

' 0 1 

Basic 

Red 

Yellow 

3-I-4-4 

Bromphcntil blue 

Water 

0 1 

Acid 

j Yellow 

Blue 

1 30-4-6 

Tropeolinc 00 

Water 

0 01.0 1 & 10 

' Basic 

i Red 

Yellow 

' 1-4-3-2 

Crystal violet 

Water 

1 


' Green 

Violet 

i 0 0-2 0 


• Or water wilh 5*7 ml ofO OS N NaOlf per 100 mg of indicator. 
** Or water wjih ^’2 ml oi 0*0' !S N.iOH per 100 mg of indicator. 


Of all the intermediate colours of an indicator the one of greatest interest 
is the one at which the titration is ended. For e.xample, if 0*1 N NaOH 
solution (the pH of which is about 13) is titrated with hydrochloric acid 
in presence of methyl orange, the colour of the latter remains pure yellow 
all the time, despite the continuously decreasing pH, up to the point at 
which the solution pH reaches 4'4. Beyond this point the colour of the indi- 
cator begins to change. However, this change becomes quite distinct only 
at pH - 4-0, when the colour of the solution becomes an easily distinguish- 
able pinkish orange. Titration in presence of methyl orange is contin- 
ued until this colour is reached at pH = 4'0. 

The pH at which titration in presence of a given indicator is ended is some- 
times known as its titration exponent, denoted by pT. Therefore, the titration 
exponent of methyl orange Is pT = 4'0. 



90(1 

§ 62. Titration Curves 

The pT values for four of the best-known indicators are given below. 

dT = 4-0 

Methyl orange pj ^ 5.5 

Methyl red pT = 7-0 

Litmus j ^ 9-0 

Phenolphthalein* ^ 

AS the pT value corresponds to ihe^T'rs^n'.li^: 

“bVlIrunTed'^o" lie rn'the m.ddie of the useful range, i.e., it can be 
taken'^as approximately equal to the indicator exponent pA. 

§ 62. Titration Curves. Titration of Strong Acids with Strong Alkalies 
^ (or Vice Versa) 

\iMtK tho theory of indicators for the ncuirali- 
Having become acquainted with the ^ of ,he choice of 

sation method, we return to th y P ^ equivalence 

indicator for titration. of the^a^^^ bas'e reacting 

point IS ,^„ne acid is titrated with a strong alkali, or 

in the titration. Thus, ® eaciion is not hydrolysed and therefore 

vice versa, the salt formed in ‘ titration exponent of litmus 

CH3COOH -l-NaOH r- CH^COONa +H,0 

the sal. formed ha’s an J/we^^mpIrc^hMhr^^^ 

this ease the titration find that the most suitable indicator 

'i‘“h“TpML;rcin“rht'rd"for titrations ended in weakly a.kalinc 

“o^tS: ‘o“Uf hrnd! in the titration 

NHjOH +HC1 r: NH^Cl +H0O 

SESSSSr—": 

j 1 . • tu^ f^T nf nhenolohlhalein and other onc-colour indicators 
• Ii should be PLi.,ion po^ example. if2-3 drops of o n phcnol- 

depends on their concenirauon solution the pale pink colour at which the tiira- 

phthalcin solution are Onlc othlSd iH same number of drops of iy„ 

used' a duile distine. pink colour appears a. pH = 8. Thcrerore, 

in this case pT of phenolphthalein is 8. 
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they alone are not a sufficient guide in the choice of an indicator. It is impos- 
sible to predict the precision of the titration, whereas an error of 2% is 
just as inadmissible as one of 20%. 

On the other hand, such qualitative considerations cannot answer the 
question of the extent to which we may deviate from the equivalence point 
in any given instance. For example, titration of a strong acid with a strong 
alkali (or vice versa) must be ended at pH = 7. However, is it permissible 
to use methyl orange and end the titration at pH = 4, or to use phenol- 
phthaleinand to end it at pH =9? It might seem that such large deviations 
from the equivalence point should give rise to large indicator errors 
(p. 216). and yet this is found not to be the case in practice. In this instance 
all four of the commonest indicators give results which virtually coincide, 
and all can be used successfully in the titration. 

Therefore, a qualitative approach is insufficient in the choice of an indi- 
cator; the problem must be solved quantitatively. Two quantitative methods 
are available for this purpose: 

(a) plotting of “titration curves”, 

(b) calculation of the indicator error in titration. 

Let us first consider titration curves. Suppose, for example, that 100 ml 
of O' 1 N HCI solution is titrated with 0* 1 N NaOH solution. Let us calculate 
the solution pH at different stages of the titration. In calculating the pH 
values of solutions of strong acids or alkalies the concentration of H'*’ 
(or OH ) ions may be taken as equal to the total concentration of acid 
(or alkali), because, in the modern view, such acids and alkalies are almost 
completely dissociated in solution. To simplify the calculations we assume 
that the toml volume of the solution remains unchanged during the titration. 
In reality its volume is doubled at the end of the titration. Evidently the 
error if the pH is calculated without the change of volume taken into account 
is log 2, or about 0'3. This error does not affect the general conclusions and 
can therefore be disregarded. 

Before the start of the titration we have a O'l N solution of HCI, the pH 
of which is 1. Now suppose that 90 ml of O'l N NaOH solution is added 
to 100 ml of O'l N HCI solution. Then 90% of the total amount of acid is 
neutralised. The amount of free acid left is one-tenth of the amount present 
before the start of the titration. Since volume changes are disregarded, 
we can assume that the concentration of free acid (Cj,cid) becomes one- 
tenth of its initial value, or 0*01 mole/litre. Therefore, the pH of the solution 
at this point is approximately 2.* 

When 99 ml of NaOH has been added, the concentration of free HCI 
IS decreased ten-fold again, down to O'OOI mole/litre, and the pH of the 
solution rises to about 3. Similarly we find that on addition of 99’9 ml of 
NaOH Cacid falls to O'OOOl mole/litre, and the pH rises to approximately 4. 


• If Ihe volume change is taken into account Cacid is^-^-Sr^ = 5-3x10-3, and 
hence the pH « —(0-72— 3) = 2-28. 190 
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^"sinTiUrry we find .ha. wi.h 1 ml excess alkal. [OH - 1 = .0 MH ^ 1 = 
=The''se'reTu1.s'’amlu‘larised in Table 11 and are plc.ed in .he form of 

a curve in Fig. 45. 

Table U 

^ f nH Variation in Titration of 100 ml of 01 N HCl with 01 

Couree of pH Vanatio ^ Vice Versa) 


NaOH added 
ml 


^acid 

M 


^alk. 

M 


IHM 


lOH - 1 


pH 


9 

90 

99 

99-9 

100 

eouiv. pt. 
1001 
101 0 
no 
200 


01 
001 
0 001 
O'OOOl 


0-0001 
0 001 
001 
0-1 


10 -‘ 
10 -* 
10 '» 
10 -* 
10 

10 -*“ 

10 -" 

10 -'* 

10 -‘» 


10 -'* 
10 -** 
10 -" 
10 -'“ 
10 -* 

10 -' 

10 -“ 

10 -* 

10 -' 


1 

2 

3 

4 
7 

10 

11 

12 
13 
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Such curves, representing the variations of pH in titration, are known as 
titration curves. 

To plot a titration curve, the amounts of excess acid or alkali present 
in solution (in percentages)* are taken along the abscissa axis, while the 
ordinates represent the corresponding pH values. If we follow the curve 
from left to right, we have the pH variation when the acid is titrated with 
the alkali. Conversely, the pH variation when the alkali is titrated with 
the acid is represented by the curve taken from right to left. The amounts 
of excess acid and alkali in the graph are limited to 10% in order that the 
figure should not be too large. 

If we examine the titration curve of 01 N hydrochloric acid solution 
with 0” 1 N caustic soda solution we see that the equivalence point (indicat- 
ed by a black dot in the graph) coincides in this case with the point of 
neutrality (pH = 7). 

Further, we note the extremely abrupt change of pH at the end of the 
titration. Whereas addition of nearly all (99-9 ml) the alkali changes the pH 
by only 3 units (from 1 to 4), in the transition from O’l ml excess acid to 
OT ml excess alkali (i.e., from 99‘9 ml to 100*1 ml of added alkali) the pH 
changes by 6 units (from 4 to 10). If, as is usually the case in practice, 25 ml 
and not 100 ml of solution is titrated, this pH change, which corresponds 
to a million-fold decrease of the H ion concentration, is produced by ad- 

0*2 

dition not of 0*2 ml but = 0’05 ml of NaOH solution. This amount 
represents only 1-2 drops. 

It is easy to see that this abrupt pH change at the end point is very ad- 
vantageous. 

Indeed, it follows from the equation 


pH = pA--log 

<-0111. f. 

that the break of pH produced by addition of the last 1-2 drops of solution 
must correspond to an abrupt change of the ^* ratio, and hence 

. '' ^alk. f. 

to a sharp change in the colour of the indicator. If there was no abrupt 
pH change on the titration curve the colour change would be slow and 
gradual and it would not be possible to determine the end point. 
Accurate titration would then be impossible. 

What conclusions can be drawn from these characteristics of the titration 
curve with regard to the problem of choice of an indicator? 

It might seem at first sight that it is essential to use an indicator which 
changes colour at pH = 7, i.e., exactly at the equivalence point of this 


* If too ml of solution is titrated, each millilitre of excess acid (or alkali) in solution 
of course corresponds to 1%. 


§ 62. Titration Curves 


233 


titration; for example, litmus or bromthymol blue, whieh have titrafon 
exponents of about 7. change on the titration 

^ .essk: J 

in titration in this case is 0 1 m! per 
100 ml, and only 0-025 in titration ot 
25 ml; i.e., it is not more than one 

drop in volume. 

Similarly, if phenolphthalein was used 

the amount added in excess would be 
less than 0*025 ml per 25 ml (or 0 * 
per 100 ml). With this excess of alkali 
the solution pH would be 10, whereas 
the end point with this indicator is a 

dH — 9 

From’ all this it is easy to derive the 
basic rule for choice of an indicator. 
the indicator used in any given [‘iraiion // 
nwst have a titration exponent \vithm the jz 
range of the abrupt pH change on the ^ ^ _ 

titration curve. r n-i N Excess acid Excessaikali 

For example, in /jj . j,. 4 ^. Titration curve of 0 01 N HCl 

solutions of strong acids with g vk-jih OOl N NaOH (or vice versa) 

bases (or vice versa) all indicators from 

methyl orange (Py " practically identical results, 

phthalein (pT = 10)* ™ , ^ch a uopeolme 00 is used (pT . 2), 

On the other hand, 'f, of HCl the amount of alkali add- 

“d "m m m\’’ loo small, which is, of course, quite inadmis- 

» fo/vt ic that at nH = 2 the titration curve is 

An even more imporl^^^^^^ unsuitable also be- 

almost horizontal. Therclor P gradually, and not on addi- 

cause Its colour would chang^ would alizarin yellow (pT = U) 

b:"su.‘llbras thcMum of NaOH added would be about 1 ml too much, 
and the colour ahanga “q!; IfO-O, solutions 

are^^us^d :: rploTt^ttU^S^ Shown in Fig. 46 from data calculat- 
cd as described above. 
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• It will be shown later that this is 
bonates (see p. 259). 


true only if the alkali solution is free from car- 
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This curve shows that the region of abrupt pH change is narrower here; 
it is between pH 5 and 9. 

Therefore, methyl orange (pT = 4) and thymolphthalein (pT = 10) 
cannot be used in this case. On the other hand, methyl red, litmus, phenol- 
phthalein, and similar indicators would be suitable. 


§ 63. Titration of Weak Acids with Strong Alkalies (or Vice Versa) 

We now turn to titration of weak acids with strong alkalies. Suppose, 
for example, that 100 ml of O’l N CH3COOH solution is titrated with 
OT N NaOH solution. In this case, when calculating the pH, we cannot as- 
sume that the H'*^ ion concentration is equal to the total acid concentration, 
because most of the acid is present in the form of undissociated molecules 
and only a small proportion is dissociated with formation of H ions. 

Therefore, in such cases the pH calculation is based on the equation for 
the dissociation constant of the weak acid, i.e., 

[CH3COOH] i (*) 

Initially the acetic acid in solution is partially dissociated in accordance 
with the equation 

CH3COOH " H + + CH3COO- 

which shows that for each H ion formed one CH3COO " ion is present 
in solution. Therefore, their concentrations are equal, i.e. 

[CH3COO-] = [H + ] 

Since the degree of dissociation of acetic acid is very low, we may assume 
that 

[CH3COOH ] Cacid 

where Cadd is the total acetic acid concentration, O’l Af in this instance. 
We then have from Equation (1): 

[H = Aadd Cadd 

and 

[H + ] = (2) 

To convert [H ^ ] to pH we take logarithms of Equation (2) and reverse 
the signs. We then have; 


log [H + ] = -1 log - 4- log c 


add 


or 


P-^acid — ~ log Qcid 


(3) 


. Tiiralion of ^eak Acids with Strong Alkalies 
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loeK,.n is the dissociation exponent of the acid, 

which wfr rarhe'Tp 2^). In .he present tns.ance it is- 

pATaetd = -'°i 10 = -{0-27-5) - 4-73 

Hence from Equation (3) we have 

pH =1x4-73 -llogO-1 = 2-37 - 0 5 = 2-87 

f r 


(H + l = ri-86x 10"®xb 1 = f 1-86x10 


6*1-34x10"=' g-ion, litre 


andjhence 


pH «= — log [H 


] = — log 1-34x10-=' = —(0-13 — 3) = 2-87 


However, Equation (3) is more “nvemem to, use^becaus^e^ ““ curte^lc^rS 
and can then be used 0'’.^"Yw"e'ha^ to uk logarithms each lime. Moreover, instead 
r^l“e:.1atgT - - li”c it's^rues from tables (Appendix II,. 

J formulas for calculating intermediate points 

We now turn to derivation of formuUs^t^ ^ 

on the titration ‘=0""- amount of acid has been titrated, i.e 

:siss"; s ,k” 1“““" 

acetic acid. We then have. 

, „ [CH.COOH) 

[H ■*■ 1 = ^acld iCHjCOO-J 

n * r-u rnnu ix a weak acid and is present almost entirely in the form 
But CHaCOOH >s K j jj^erefore. the concentration of the 

Tatter c‘:Xtsumefflout appreciable error, to be the same as the total 

acid concentration in solution, i.e.. 

[CH 3 COOH 1 ^ Cacid 

. X. A ^alt CHXOONa is completely dissociated 

On the other ^ ™ nearly all the' CH^COQ- 

while acetic ac d ^jssociate^^^ g each 

anions V ^ gj^ing one CH^COO” anion. It follows that the 

l«raUo“'onh" Jy be .aken“ as equal to the total salt concen- 

. c- IT* -^iejrtn in cxDcrimental determinations of pH does not exceed 0-01, 
the lo^rhhrl;! are rounded off to the nearest 0 01 in calculations of pH and pK. 
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tration, i.e., 


[CH3COO “ ] {:« Cgait 


Accordingly, we have from the equation given earlier 


[H-] = K 


acid 


<^acld 

Cgait 


Taking logarithms and reversing signs, we have: 

- log [H n = - log - log 


and hence 


pH = pA'acid — log 


Cacld 

Cgait 



This equation* is used for calculating the intermediate points on the ti- 
tration curve. Let us perform two such calculations. First we calculate the 
solution pH when SO'^o of the acetic acid has been titrated (i.e., when half 
the amount of alkali required by the reaction equation has been added, 
50 ml of alkali to 100 ml of acid). The titrated part of the acid has been 
converted into its salt. Therefore, the ratio Cacfa-Qait Is equal to the ratio 
of the number of millilitres of remaining acid to the number of millilitres 
of acid which has been titrated (or the number of millilitres of added alkali, 
which is equal to it). Therefore, at this point 

pH = - log ^ = 4-73 


Tlius, at the point \vhen exactly one half of the weak acid has been titrated 
the solution pK is equal to pA^eja • 

The region of the abrupt change (break) on the titration curve is of special 
practical interest. Since the precision of the titration does not e.xcecd OT'*,, 
(which corresponds to 01 mi if 100 ml of solution is titrated) the region of 
the break is the pH range from the point at which OT ml of free acid 
remained to the point at which OT ml excess alkali had been added. 
Therefore, at the start of the break 


pH ^ 4 73 — log 


0 1 
9y.y 


4.73_(_3) 7.73 


\Vc now pass to the derivation of the equation for calculating pH at the 
equivalence point. The solution contains the salt CHgCOONa which is 
partially hydrolysed (see p. 215): 

CH,COO 'f-H.O - CH,COOH + OH- 


• Equ.-uion (4) is evidently quite analogous to the equation derived for indicators 
(Equation 2, p. 224). Indeed, Caciri. f. and Calk. f. are nothing more than the concentra- 
tions of the free indicator acid and its salt. 
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Applying the law of mass action to this reversible reaction, we write: 

r CHXOOH] [OH -) ^ ^ 

, ■ u* uonri «iHe of the equation and noting that the 

“nnrwe have 

(5) 


¥ • 

(chxoohHO^ _ ^ . [H,0 1 = 
[CHjCOO "1 


^ , jr rH 0 1 is also constant; it is known as the hydroly- 
Here the product X • [H.O j is ^^n^erical value is easily found from 

sis constant and is denoted by h.- dissociation constant ATacid of 

the ionic product of water 

acetic acid From the expression for K^.o we 

r^o -1 22®C) 

(OH l = 7H-^r 

1 f^r fnH "1 into Equation (5), we have 
Substituting this value for [OH J mio q 

fC HXOOHlxlO J_ ^ 

‘ i/^u i^nn-i IH '^\ 


fCHr^COOHl reciorocal of 

However, the fraction -[CKjCOO-llH 1 

is equal to l/^acid • 

Therefore, we may wnte. 

/^acld. 


and 


(CHX OOHI lOH-1 ^ il_ll 
ICHjCOUn ^acJd 


(6) 


... - s; rsSSfSpS'-i 

formed m he dissociation of CH 3 COOH yields very few 

CH c‘00 -To^s te may asstime that [CH 3 COO - ] - C... 
""tje^hereforfhave from Equation ( 6 ): 

[OH- 1 * _ 10 "** 


.. 




and 



10 -*«xCBalt 


Xacld 
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Taking logarithms and reversing signs, we have 

— log [OH “ ] = 7 + y log A'acid — y Qalt 

and 

pOH = 7 — y pATacid — ylogQalt 

But pH = 14 — pOH. We thus finally find the formula for calculating 
the pH at the equivalence point in this titration: 

pH = 7 -f y pA'acid ylog Qalt (8) 

Let us use this formula for calculating the pH at the equivalence point 
in the titration of O'l N CH-,COOH with O' I N NaOH (or vice versa). 
Since the volume change in titration is disregarded (p. 230), we assume 
^sait equal to the initial concentration of the acid, or O'l M. 

Therefore, we have 


pH = 7 + 


i-log 0-1 = 7+2-37 — 0-5 = 8-87 


We now calculate pH at the points in the titration when excess NaOH 
has been added. The NaOH is present in solution together with the salt 
CH;jCOONa formed in the reaction; solutions of this salt have an alkaline 
reaction and should therefore augment the action of the NaOH, i.e., 
raise the pH due to the latter. In reality the increase is so small that it can 
be disregarded.* In other words, we may assume that the pH is determined 
entirely by the free NaOH present in solution. Since it is a strong alkali, 
ilte OH ion concentration may be assumed equal to the total NaOH 
concentration. At the end of the break the excess of NaOH is O'l ml of 
01 N solution in a volume of 100 ml.** This corresponds to I ml of O'l N 

soiiiiion per litre and this contains I0“^g'ion NaOH. Therefore, 

the OH ion concentration is 10 ‘ g-ion/litre. and the H ' ion concentra- 
tion is ID i>:10 * 10 1" g-ion litre and the solution pH is 10. Thus, 

we have the same pH \alue as in tlte titration of O'l N HCI solution. All 
the Mibsequent points on the titratioi^ curve will similarly coincide with the 
eur\e considered earlier (I'ig. 45). 

I he calculated pH values arc given in Table 12. 


* riic rc.ison is that the presence of the strong alkali NaOM has a ver>' strong suppress- 
ing L'ttcci on hydrolysis of the C 1 1 ,(. ()ONa. However, this is so only if the acid being 
tiir.iieil IS not too weak. Otherwise hydrolysis of Ihe sail cannot bo disregarded and the 
I'M must be calculated from other and more complicated equations which are not con- 
sidered m this hook. 

** Since the volume change in titration is disregarded. 
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Table 12 


Course of pH Variations in Titration of 100 ml of 0-1 N CH3COOH Solution 

with 0-1 N NaOH (or Vice Versa) 



Excess, 

. ml 

NaOH 

added 

ml 

acid 

alkali 

1 

0 

100-0 


2-0 

98-0 

— 

15-0 

85-0 


31.0 

69-0 


500 

50-0 


900 

100 


99-0 

1-0 


99-9 

0-1 


100 

— 


(cQuiv. pt.) 


0- i 

1- 0 

100-1 

1010 


110-0 


10-0 

200-0 


100-0 


^acid 


Calculations 


pH 


98/2 
85/15 
69/31 
50/50 
10/90 
1/99 
0- 1/99-9 


4-73 


pH =Z^-V2\og0-^ 


pH 
pH 
pH 
pH 
pH 
pH 
pH 

pH = 7 + 


2 

4-73— log 98 + log2 

4-73— log 85 + log 15 

4.73_log 69 + log3l 

4.73_log 50 + log 50 

4.73_log 10 + log 90 

4-73— log 1+ log 99 

4-73— log 0-l+log 99-9 

''■73 1 , rti 

— -ry log 0-1 


lOH-l = l0-‘; (H-) = io-“ 
(OH-) = 10-=»; IH' ) = 10-“ 
OH-] = 10-^; IH1=10- - 
[OH-1 = 10-;(HM = 10'‘^ 


2- 87 

3- 04* 

3- 98 

4- 38 

4- 73 

5- 68 

6- 73 

7- 73 

8- 87 


10 

11 

12 
13 


• Tl»e pH value* with 2. 15 ami m ,Uration curves arc plotted, 

methyl orange; these data may oc oenu 

we p.o, ,hc ti.ra.ion cu- f-n. ...e 

sef.r.’’- poi^ 

the break extends P . j- Hq^vs that in titration of acetic acid only 

phenolphlhalein can b corresponding to pH = 4. appears at 

colour <:hange of methyl o ^ of CH.COOH has 

the instant ^ Tahlc 12) Therefore, the indicator error m this case is 

aroVm E^en 'mutant is the slowness of the colour change 

about 85 /o. Eve" equivalence point. To pass through the whole 

of the j colours of this indicator, from pure red corresponding 

irnH^ 3 (w fhtddUirn of 2 ml NaOH solution) to pure yellow, corre- 
to pH 3 1 ( addition of 31 ml NaOH solution), we must 

of O-rw VaOH per 100 ml of the CH 3 COOH solution. With 

2 m of h: lauer thN ,0 about 7-25 ml of the alkali solutmn. 

It U obvious that because of this very slow change m the colour of the ind,- 
cator it is impossible to titrate acetic acid m its presence. 
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Methyl red, with pT 5*5, is likewise unsuitable in this wse. Even 
litmus, with pT 7, gives an indicator error of about 0*5% in titration 
of acetic acid, and its colour change is not sharp enough either. 

Only phenolphthalein, the titration exponent of which lies in the pH 
break region (pT = 9) and is very close to the equivalence point (pH — 8‘87), 
gives a very small error ('>^’02%), with a sharp colour change on addition 
of one drop of alkali. 


pH 




Fi^. ^7. Titration curve of 01 NCHjCOOH Fig. 48. Relationship between the 

with 0-1 N NaOH (or vice versa). dissociation constant of the acid 

titrated and the range of the break 
on the titration curve 


The reason why the break in the titration curve of acetic acid is narrower 
than in the curve of hydrochloric acid is obvious: CH3COOH, being a 
weak acid, gives a much lower H ion concentration in solution than does 
HCl. Therefore, the break on the titration curve should begin at a higher 
pH with acetic acid (7*73) than with HCl (pH = 4). It ends at the same 
point (pH = 10) in both cases, because the same alkali solution is used in 
the two titrations. 

It follows from this that the weaker the acid titrated^ the narrower is the 
range of the abrupt pH change on the titration curve. This is illustrated 
by Fig. 48, which shows that slX K= 10”® the break vanishes completely. 
It follows that such weak acids cannot be titrated in presence of any of 
the indicators. Calculations show that only acids of K ^ can be 

titrated to 0’1% precision (which corresponds to the precision of volume 
measurement in volumetric analysis). 
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This conclusion msy be reached by reasoning such - .h^foliowing. 
of the titration to be 0 - IV., not more <"he Uaiei^Pr^ct arthc et,u, valence 

raiut be present m “'““p" ^ solution of a weak acid (designated as HAl with 

point. For example, in ® I the free acid HA and OH " ions must remain. 

t"' cC!;ren^rpo,n.. .n other words, then ntas.ntun. 

permissible concentration at the equivalence point is 

01 xOl ,rt-* ^4 

[HAl- 10H-I-— 5^ = 10 '‘I 

e .k« «ait NaA formed in the reaction (and therefore of 
A-?nU°)""o..°d r ditmgar/tbe'Znge in the solut.on volume durtng the 

‘"luting these concentrations into the equauon for the hydrolysis constant of the 
salt NaA: 



(A-l 

/^HA 

we have 

l0-*xl0"* _ 

10-'* 


i6-‘ 

A'ha 

and hence 

10"** X 10 " 

•1 

- = 10 


AHA I0“* 



-j 


*v 

. ~.A.a.r ih-»n 10 the acid can be titrated with 

satSa«o“l!o^n'‘o‘'n an acid with pff <10-’ cannot be t.trated 

satisfactorily. ^ ... _ in-’ the OH" ion concentration at the 

It follows from the foregoing that f ^ ^ (H ^ 1 = 10 ">« and pH = 10.* 

equivalence point is 10 ^ -(-ids which are feasible in practice the pH at the 

It follows that in “tr^tions of weak ac.^ j greater than 

equivalence point cannot e.xceed 10. Theretore. oniy 

10 are used in titrations. 

, . , . th.» xtrencth of a weak acid can sometimes be 

_ It should , bv ^ntroducUon of a substance which forms a 

increased boric acid H,BO„ which is one of the 

complex acid with it For exa P ^ be directly titrated in 

weakest jVhc two most suitable indicators with regard 

presence of (pT = 10) and phenolphthalein (pT = 9), 

to the pT value, y P .q, j 27% respectively. However, if mannitoi, 
give indtoator erro s of dissociated compiex 

aeiSs witS boric add, are added to the latter, it can be titrated tn presence 

of phenolphthalein.** 


.This~ also be confirmed by the use of Equation 18) (p, 238) for calculation of 
pH at the equivalence point J 

pH = 7 + + =7+y— 0-5 = 10 

StricUy speaking, the complex acids formed arc titrated, and not H,BO,. 

16 - 6001. 
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§ 64. Titration of Weak Bases with Strong Adds (or Vice Versa) 

Suppose, for example, that 100 ml of O'l N NHjOH solution {K = 1 8 X 
X 10 '5, pA: = 4*75) is titrated with 0-1 N HCl. At the initial stage of the U- 
trationwehaveaO-1 N solution of the weak base NH 4 OH, the pH of which 
is found from the equation: 


[NH,^][OH-] 
[NH 4 OH] 

Since [NH+l-= [OH"] and 

[OH-] 


= Abase = 1-8 X10-® 


[NHiOH];^ Chase* we can write 

= /Abase^base 


and 


pOH=4-pA^bas=— 4- log C; 


base 


( 1 ) 


Hence: 


pH = 


14 — pOH = 14 — pAbase + 4- log Chase 


( 2 ) 


It is evident that Equation (1), obtained during derivation of Equation 
(2), is quite analogous to the equation derived earlier for solutions of weak 
acids * 

pH — pAacid *“ ~2 I 08 C'acld 


the only difference being that it gives pOH instead of pH. 

The same applies to calculations of the intermediate titration points 
and of the equivalence point. The appropriate equations are derived exactly 
as shown above (those who wish can derive them independently). 

For the intermediate points in the titration, when the solution contains 
the salt NH 4 CI formed in the reaction together with residual free base 
(NH 4 OH), we can write: 

pOH = pX,^ - log ^ 

and 

pH=14-p/ir,„. +log^' (3) 

At the equivalence point, when the solution contains the salt hydrolysed 
in accordance with the equation 

NH+ + H 2 O NH^OH + H + 

the equation for the hydrolysis constant 

[NH.OHllH+l 10“>* 

(NHri A:base 
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gives: 


pH = 7 2 P^base 2 


(4) 


It must be noted that this equation differs from that derived earlier for 
the pH of solutions of salts of weak acids and strong bases in one respect 

only: previously the terms i p/f and 1 log C,,,. were added to 7, since 

the pH had to be greater than 7. In the present instance it is less than 7, 

“ulttS'data for the titration curve are given in Table 13, and the curve 
itself is plotted in Fig. 49. 

Co..™ of pH Variahoo in TiUadon of 100 nU of 0 . N NH.OH Sotodon niti. 

0 1 N HCl (or Vico Versa) 


HC] 

added 

m) 


Excess, ml 


NH4OH 


HCl 


Cb 


ase 




Calculations 


pH 


0 

65 

90 

99 

99.9 

100 

(e^uiv. pt.) 
1001 
101-0 
1100 
2000 


100 

35 

10 

1 

01 


0 1 
10 
100 
1000 


pH *= 14— 


35/65 
10/90 
1/99 
0- 1/99-9 


4-75 


— Vjlog 0-1 


ipH =s 14— 4-75 + log 35 — log 65 
pH * 14-4-75+log 10— log 90 
^H = 14-4-75-flog 1— log99 
pH = 14— 4-75+logOl— log99-9 

4-75 


pH =7 — 

[H+1 
[H + l 

IHM 

lH+1 


1 


V 


•nlOg 0-1 


10-< 

10 

10 -* 

10 '> 


1M3 

9-02 

8-30 

7-25 

6-24 

512 


4-0 

3-0 

2-0 

1-0 


Table 13 shows that: (a) the equivalence point lies in the ac^ range 
(PH^ V y (b) the region of abrupt pH change extends from pH = 6-24 
- 4 00 which is over only 2 24 pH units whereas in titration of 
0 1 N caustk soda with 0-1 N hydrochloric acid it extended over a range 

“ we can say that the weaker the base which is titrated the narrower 

istherange of abrupt pH change on the titration curve and the more restricted 
is the choice of indicators which can be used in the titration. Very weak bases 

16 * 
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with < 10 like very weak acids, cannot be titrated with accuracy 
because of the absence of an abrupt pH change.* 

All indicators with pT between 6*25 and 4-0 are suitable for the titration 
in question. In particular, methyl orange (pT = 4*0) and methyl red (pT = 

= 5’5) would serve very well, but 


pH 

J 



12 


fSi I I 1 ^ 1 I — I — I — 1 — I 

to d 6 k 2 0 Z k 6 6 wVo 
Excess acid Excess alkali 

Fig. 49. Titration curve of 01 N NH,OH 
with OT N UCl (or vice versa) 


phenolphthalein (pT = 9) cannot 
be used. 

Indeed it is clear from Table 13 
that the titration exponent of phe- 
nolphthalein (pT = 9) is reached 
when only about 65% oftheNH 40 H 
has been neutralised. As the curve 
is nearly flat over this region, the 
colour change of phenolphthalein 
is slow and gradual, so that NH^OH 
cannot be titrated in its presence. 

§ 65. Titration of Weak Acids with 
Weak Bases (or Vice Versa) 

In titration of weak acids with 
weak bases (or vice versa) the acid 
portion of the titration curve cor- 
responds to titration of a weak 


acid with a strong base. The alka- 
line portion of the same curve is 
the same as the curve for titration of a weak base with a strong acid. 
The pH at the equivalence point is found from the equation of the 
hydrolysis constant of the salt as follows. 

Suppose that acetic acid is titrated with NH 4 OH solution. The salt 
formed is hydrolysed in accordance with the equation 


CH,COONH, r H.O NH 4 OH I-CH 3 COOH 
or 


NH ; • CH;,COO- - H.O NH4OH -h CH3COOH 

and hence 

, ^ [ NH,OH][CH,COOH ] 

(NHrl ICH.COO-) 



• It was shown on p. 241 that in titration of weak acids the pH at the equivalence 
point cannot be higher than 10 for the titration to be practically possible. Just in the same 
way it can be shown that in titration of weak acids the pH at the equivalence point 
cannot be less than 4. Therefore, only indicators with s-alucs of pT or pK (since the two 
arc similar) between 4 and 10 can be used in acid-base titrations. The indicators listed 
in Table 10 (p. 228) from methyl orange (pT — 4) to phenolphthalein (pT = 10) conform 
to this condition. 
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dissociation constants, we have. 

^h. = -^basei^acldUWHCtnCOO^ base ac.a 

Substituting the value found for into Equation (1) and noting that ,n 
accordance with the hydrolysis equation 

[NH+ 1 = [CH 3 COO - 1 = Call [NH.OH ] - [CH 3 COOH 1 

we have: 

[CHjCOOHl- __ 10 


Csalt 


Xbase ^acid 


Putting the value of [CH3COOH] from the equation for the dissociation 

constant of acetic acid: COO-) _ [H^lCaaii 

[CH3COOH 1 = Xadd 


We have: 


[H 

/^acid 


/lO 


- M 


Csait 


Asbase^acW 


and hence 


, 1, 10 ’'*NA'acld 

= --W — 


(3) 


Taking logarithms and reversing signs, we finally have: 

pH = 7 + y Placid — y P^basc 

In the present instance, since pC.ie = 4T3 and pff,.c = 4 75 

pH = 7+ 2-37 -2-38 = 6*99 

o .. nf ,hc sail concentrauon. the solution pH at the equivalence 
Regardless of the sal point of neutrality. However, 

point is almost 7, i.e., i _ ^ i e if the reacting acid and base 

this is aciHs stringer (if p/^acid - p/^nast) then 

are of equal f^Lion is less than 7 and so the solution has an acid 
the pH of th^e salt solut 1 solution has an alkaline reaction. 

(Fig. 50) without at all in this case. This means 

Figure 50 shows that accurately with any of the known 

that the ?hat in utrations by the ncutralhatkm method 

"rune 0/ the rlacting sttbstances must be a strong electrolyte. 
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The working solutions for the neutralisation method must always be 
solutions of strong alkalies or acids in order that weak as well as strong 
acids or bases can be titrated. 

It should be remembered that the pH break on the titration curve also 
disappears if a very weak acid or base is titrated or if very dilute solutions 
are used. Calculations show that to ensure a degree of precision of about 
0 * 1 % the values of ATacm or A^uase niust not be less than 10 and the 

solution concentrations must not be 
below O-OOOI N. 

In conclusion, let us consider that 
case when a solution to be titrated 
contains, in addition to an acid or 
base, certain extraneous substances 
which influence the pH at the equiva- 
lence point. Suppose, for example, that 
a solution containing NH 4 CI together 
with HCl is titrated with caustic soda. 
Which indicator should be used in 
this titration? To answer this question, 
we note that at the equivalence point 
the solution contains, in addition to 
NaCl, NH,Ci which gives it an acid 
reaction. Therefore, the equivalence 
point is no longer at pH = 7 but at 
pH < 7, as in titration of HCl with 
Fig. 50. Titration curve of 01 N ammonia solution. Accordingly, the 

CM,COOH with 01 N NH.OH (or same indicator (methyl orange or 

vice versa) methyl red) as in the latter case should 

be used. If phenolphthalein was used 
instead, the end point would be at pH = 9. To bring the solution 
pH to this value it would be necessary to add a large excess of NaOH, and 
not one drop as in the titration of pure HCl (without NH4CI). 

The added NaOH would react with NH,,C1: 

NaOH f NHjCI = NH,OH f NaCl 

so that the solution pH would rise very slowly. 

In titration of a mixture of NaOH and CHaCOONa the same indicator 
must be used as in titration of acetic acid with caustic soda, namely phenol- 
phihalein, because the pH at the equivalence point is determined in presence 
of the same .substance, CH^COONa, in both cases. Indicators such as methyl 
orange or methyl red cannot be used in this case, as the solution would 
be very much overtitraled in their presence and the colour change would 
not be sharp enough. 
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§ 66. Buffer Action 

irwe exa^ne .UraUon cu.es we -^haUhey 

In the region of “ olnts of acid or alkali produce very large 

additions of X “"her hand, m other regions the curves 

l':frs‘olutfots“a°r: r”d";h"a"vnV- -rion or are known as t.ffer solu- 

tions. „ . to such solutions because, just as buffers 

The term “buffer is “PP'^ . ^ solutions resist the action of 

of railway oamages re st shocks, introduced into a reacting 

ly^eT "utn pH reLins almost constant despite the formation 

of an acid or a base ■" ‘^ ;"“"/;o"he reaction whereby Zn - - is separated 
To illustrate this precipitation with hydrogen sulphide, 

from the other Group ” o completely precipitated even at pH - 2, 
It is found in Prf ‘J'*' he" Group HI Llphides are not precipitated 
whereas CoS, NiS, and o neutralise the solution, add 

under such conditions. 

asufficientquanmy of a buff r n 1 ^^^phe the fact that an acd 

the solution, Zn is .vamnle- 

is formed in the reaction; for exampl . 

ZnCli + i ZnS f 2HCI 

All other Group HI cations whh a salt of the same 

TcKZoniurrsodium formate; this mixture is known as formate 

buffer mixture. mixture is quite easy to understand. The 

The buffer action reacts with the formate and produces an 

strong acid formed ^l^^^^Wely weak formic acid: 
equivalent amount of the reiaiiv y 

HCOONH, -t- HCl = NH,C1 + HCOOH 


or 


HCOO - -1- H + = HCOOH 


i 1 ^ 

1 11 thp H ions introduced into the solution 

In other words, nrady ion,) and do not remain free, and 

the solution pH '';='''=f°'^“f’’nn|iL'!fis introduced into a solution contain- 

The same thing happens lUn alkali is 

roiSrarorwitrthe^H^ ions of formic acid: 

OH"+ HCOOH = H.O + HCOO 



248 


Chapter V. The Neutralisation Method 


Therefore, here again the solution pH remains almost unchanged. 

The titration curves of weak acids also show that mixtures of weak acids 
and their salts should have buffer action. For example, the flat portion of 
the curve representing titration of acetic acid with caustic soda (Fig. 47) 
on the acid side corresponds to the stages when only part of the CH3COOH 
has been titrated (i.e., converted into its salt), while the rest remains free. 
Therefore, the mixture of CH3COOH and CHgCOONa is a buffer in pres- 
ence of which the pH changes very slowly on addition of acid or alkali 
(this is known as the acetate buffer). 

The pH of this buffer can be easily calculated for any free acid and salt 
concentrations from the well-known equation 


pH = pAT — log 


Cacid 

Oalt 


For example, if the solution contains 0*1 mole each of acetic acid and 
its salt, then 

pH = 4-73 - log “i = 4-73 


If O'Ol mole of any strong acid is added to 1 litre of this solution, 0*01 
mole of the salt (CHjCOONa) is converted into the equivalent amount 
of free acid (CH3COOH). Therefore, the solution pH becomes 

pH 4-73 -log ■^- = 4- 64 


Similuriy, if we add 0 01 mole of alkali to 1 litre of the solution we have 

pH 4-73 - log = 4-82 


I hcrcfoie. in either case ii.e pH alters by only 0*09. 

On the other hand, if the same amount of acid or alkali is added to 
I litre of pure water, the pH alters by 5 units (falls from 7 to 2 or rises from 
7 to 12). It is evident that tlie pH of a buffer mi.xture remains unchanged 
on dilution, as and C,,ii alter In the same ratio. 

The curve for titration of iNH,OH solution with hydrochloric acid (Fig. 
49) shows that mixtures of weak bases and their salts (NH,OH-l NH,,C1 
in this instance) should have buffer action, because here again the region 
of the titration curve corresponding to the presence of these substances 
in solution is flat, fhe pH of such mixtures is calculated from the formula: 


pH 14 -pA,,,.. 



.\ niiviuie of equivalent amounts of NH,OH and NH,C1 gives a pH 
value of 14 — pA,,.,„. 14 — 4’75 9*25. 

It will be remembered that this buffer mixtureis constantly used in quali- 
tative analvsis: for example, in separation of Group Hand Group 1 cations. 
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0, i. or c,o.p 

sso s."Trs.? sSi.; pro5«. -< » "« 

the second as its salt. ctrr.no acids with strong alkalies 

Finally, curves -P" VM'hrrha. !.ronVad strong alkal.es 

or vice versa (see Figs. 45 and 46) gre high enough, because 

also have buffer action if their con thration curves are very flat. 

here again the ^l^fb"ffc/action here is very different from 

Of course, the mechanism of th reason is if the concentration of 

.om have hardly any effect on the 
pH. , f xji -1 ic ttdded to 1 litre of 0- 1 N HCl solution 

For example, if 0-0 mole of ^ concentration rises to 0-11 g-ion/litre 

(the pH of which is 1), the H Similarly, on addition of 

and the pH falls to 0-96 or so that the pH 

0-01 mole of NaOH the H of acids or alkalies are added to fairly 

rises to 1-05. When -ilkalies the pH changes are also slight, 

concentrated solutions ^ . of strong acids and alkalies, salt 

On the other hand, very dilute so^ example, if 

solutions, and pure waty d solution containing 10 * M 

0-01 mole of NaOH is added “'“ ‘cess of alkali equal to 

HCl all the acid is converted into Its sat d ration in the 

O'Ol-OOOOl = 0-0099 W IS pOH = 2, and pH = 12. 

resultant solution is iwn j rhances the pH from 4 to 12. 

Therefore, addition of 0^01 j buffer action, wc can formulate 

in the light of all ‘^t “ tUratl ^aomher way: ,/,c iiir/icmor 

the rule for '^’’Oice of indic ^ ^ 

!^rZ:^"o: .u,, n h»//cr e//cc,, because only then is 

nr -l^ir »’in an« -'Hi^ ^ 

"ne“;evelTn a'particiilar analytical opemtion. They are also used 
for experimental determinations of pH (S 12/). 

§ 67. Indicator Error in Titration 

, xf litntion curves, there is another method for choosing an 

In addition to calculation of the indicator error. It will be remembered 

indicator {p. 230). which ^ ^ difference between the ttlration exponent 

Ta P--- B-use of this difference a solu- 
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tion is usually either somewhat overtitrated or undertitrated. As a result, the solution 
contains an excess of free acid or free alkali at the end of the titration. 

If this excess acid is a strong acid and is therefore present in the form of free H ions, 
the error is described as the “hydrogen” or error”. If, on the contrary, the acid 
is weak and is present almost entirely in the form of undissociated molecules (HA), the 
“acid error” or “HA error” is decisive. Similarly, if the excess alkali is strong it gives 
rise to the “hydroxyl error” or “OH ” error”; if it is weak, the “alkali error” or “MeOH 
error” has to be taken into account. Let us now consider methods for calculating the 
magnitude of all these four types of indicator errors. 

Hydrogen Error. Suppose that the titration exponent of the indicator is pT, the 
normality of the strong acid being titrated is N, its volume is Vi ml, and the total solution 
volume at the end of the titration is V. ml. 

N 

We reason as follows: each millilitre of N solution contains gram-equivalents 

* NV 

of acid. Therefore, the total amount of acid taken for the titration is 

lents. containing the same number of gram-ions of H"^. Let us now calculate how many 
gram-ions of H ^ remain at the end of the titration. The titration is ended when the pH 
is equal to the pT of the indicator used; for example, at pH = 4 with methyl orange or 
at pH = 9 with phenolphthalein, etc. However, since pH = — log [H"^], these pH 
values correspond to ion concentrations (H"^] =10“*; [H"^) = 10“* g-ion/ 
/litre, etc. It follows that in the general case the concentration of the residual H"'" ions is 

[H'^l = g-ion/litre. The V. ml of solution at the end of the titration contains 

lO-pTxK, + 

-1:000-^®''“"’-“’"" “ • 

This amount represents the hydrogen error. To express it as a percentage of the amount 
of H'^ ions taken, we have by proportion: 


gram-equiva- 


Hence the H error is 







10-PTx^'2 

1.000 



X = 


lO-pTxK; 


NV^ 


— xl00% 



Hydroxyl Error. Suppose that P', ml of a strong alkali of normality N is titrated with 
a strong acid, and that the volume of the solution at the end of the titration is I', ml. 
Reasoning as before, we find that the total amount of OH “ ions taken for the titra- 

lion is -^^g-ions. The titration is ended when the pH is equal to the pT of the indicator, 

1 .000 

i.e.,atpOH = 14 — pT. Therefore, at the end of the titration [OH“] = 10~^^* ^ and 

j0“tt4— p O 

I'; ml of the solution contains TTwi ^ gram-ions of OH “ (the OH " error). 

As before, we express the OH ' error as a percentage: 


NVy 

1,000 


— 100 


r O 


,o~(i4'pn V. 



1.000 
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Therefore, the OH “ error is 


X = 


NK, 


X 100% 


( 2 ) 


the equation for the dissociation constant of the acid. 


[H-1 [A-] 


IHAl 


Rearranging this equation, we have. 

jHAl 

[A'i 




IH • 1 


. -.4 ruA 1 k nnictically equal to the total concentration of fr« 

As HA is a weak acid- [HA ] is / 7.ugsaU However, each gram-molecule 

acidinthcsolution.and[AT.lothcconctntrdii oj^th acid. Therefore, the ratio 

of the salt is formed by neutralisation of one of the residual and 

[HA] : [A - ] may be regarded as the r^a^ Mh titration. Noting further 

neutralised acid and taken as a niea r -ihove eouation’ 

that [H - ] - 10 and A' = 10 vve have from th<. above equation. 


acid not neutralised _ 1^ 

HA error = acid neutralised” iO'P*' 


Finally 


,.pK-pT 
HA error — 10 


(3) 


. nmtoexcecd 01 %.ie..iftheamount of residual 

aJl'l.mt^^roTofonramoun. of acid ncu.raU.cd. the following coadii.ons 
must be satisfied: 

jQpK-pT ^ 10-3 


or 


pT ^ pK-ri 

U u ,h^ use of a particular indicator gives rise to an acid error in 

accurately only m presence ofjndic or (pT = 7) are unsuitable here. 

(pT = 4). methyl red (pT - > i-t= 9) should be suitable if the OH" error is not 

On the other hand, phenolphihalem tp ) 

Error. Reasoning as before, we can write : 

rMe+] (OH'l _ jr. JMcOHJ 

but 


[OH-] 

A 


[MeOH 1 __ alkali not neutralised ^ error. 

■ 1'mV+] ” neutralised 

On the other hand. pH at the end of the titration is equal to pT. and pOH = 14 - pT, 
Therefore: .n-tu-pT) 

*u _ =sl0PA*pT-14 


10 


,-pK 


MeOH error - 


( 4 ) 
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With the same reasoning as in the preceding case we find that the titration may be 
sufficiently precise if the MeOH error is equal to or less than 10 3; i.e., provided that 

p^T+pT — 14 — 3 

or 

pT=sll— p^: 

For example, in titration of NH,OH {pK = 4-75) indicators with pT*s6-25 may be 
used. Therefore, neither phenolphthalein (pT = 9) nor litmus (pT = 7) is suitable. On 
the other hand, methyl red (pT = 5-5) and methyl orange (pT = 4) should be quite 
suitable if the H ’’ error does not exceed the permissible limit. 

We now consider a few examples of the use of these formulas for choice of indicators. 

Example 1. What is the indicator error in titration of 01 NHCl with OT N NaOH 
in presence of methyl orange? 

Solution. We first decide which of the errors must be taken into account in this ^se. 
Here the equivalence point is at pH = 7, while the end point with methyl orange is at 
pH = 4. Therefore, the solution contains some excess HCl at the end of the titration. 
Since it is a strong acid, it gives rise to an H ' error. 

As both solutions arc of the same normality, equal volumes are used in the titration. 
This means that the volume of the solution is doubled during the titration, i.e., F. = IVx. 
From Equation (1) we have 


H ■ error = — 


10-*x2K, 


xlOO = — 0-2^ 


10 -‘X 

The minus sign here means that the HCl solution is undertiirated. Since 0-2% is nm 
beyond the usual limits of experimental error we conclude that methyl orange can be 
used in this case. 

Example 2. Solve the same problem for titration in presence of phenolphthalein. 

5y/«n‘u/j. The end point in titration in presence of phenolphthalein is at pH “^’^2 
that the solution is somewhat overtitrated. As the alkali is strong, it gives rise to an OH 
error. Therefore 

jo-rrr, 

It follows that phenolphthalein is quite suitable for this titration. 

Example 3. Can 001 N hydrc'chloric acid be titrated with caustic soda in presence 
of methyl orange? 

Solution. Here the error is c\idently of the same type as in Example 1. Therefore 

10 * 


H 


error 


100 = -r 0 02' 


o / 


H • error — 


10 


XI 00 = -2?. 


This error is i»Ht large. Theref*.>re. meilul orange cannot be used in this titration. How- 
ever. u itli pheiu'lphihalein the Oi I error is ; 0-2'' and this indicator is therefore quite 
suitable here. 

Example 4. Calculate the titration error in titration of OT N acetic acid with OT N 
caustic M’d.i in presence of methyl orange indicator. 

To determine the type of error, we find the solution pH at the equivalence 

pc'int* : 

pH 7 • log 005 = 8-72 


* In tltis calculatiisn we take into account the doubling of the solution volume in the 
iiir.ition. I herefore. Cj.ait is taken as 0 05 N. It will be remembered that pA of acetic 
acid IS 4-7.t (p. 235). 
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, i-iU 4 the solution contains 

As the end point « Tto is a weL acid.'so that it gives nse to 
excess CH.COOH at the end *e t' 
an HA error. We can therefore \snie. 


HA error = 10 


= = 10 


r3-« = 10“ ” 


Hence log HA error is 0-73 and neSualiscd acetic acid are in the rauo 

This means that the amounts of «sidu^^ CH,COOH initially taken 5-4 parts 

of 54 to 1. In other words, calculate the HA error as a percentage, 

remain not neutralised. From this it is easy to 


64 — 100“ 


54 — 


/O 

5 4 X 100 


;( * HA error ^5.4 


-84% 


The conclusion is that a«uc canno^be 

caklirtL^byX"llse of the expression pT ^ COOH in presence of phenol- 

5. solve the same problem for ..trat, on of CH.COO 

phthalein. . , :< 8.72 and pT of phenolphthalcm is 

Solulion. Since the pH “Vo^cZat* i“pr“cnce of this tnd.cator. As a strong alkah 
9-0. CH,COOH is sotnewha ONCitn ^ ^ expected here: 

is used in the titration, an OH error is 

I0u-»X2K, ^ joo = + 002%p 

OH - error * + io-‘x k, 

As in titration of HCl. this indicator is ^ q.j ^ >]h,OH with 0-1 HCl 

5. What is the mdij- 

".^;'^::'^™;:r‘::--^oin.is 


4-75 

pH = 7 2 


7. log 005 = 5-28 


. 1 • • ws \4 — Q* at the end of the titration 

The end point in titration with ph^nolph^^^^^ Therefore.’ an MeOH error is to be 

the solution conUins a certain cxcc^» 

expected here: =» 10““ 

MeOH error = 10 

rt •>< — "i ^S- MeOH error =0-56. 

Hence log (MeOH of the NH.OH initially taken 0-56 part remains 

Therefore, out of 1-56 par'S 07 
not neutralised. By proportion. _ 


X =* MeOH error 


0-56 — xYo 

0-56x100 


1-56 


i - 36% 


The conclusion is that ^jj^^from^the expression pT U — (P- 252)^ 

The same in presence of methyl orange the end point is at pH 

(b) In titration of NH.OH in ^ 

instead of 5-28. We therefore expect an n 

. + , _ + x 100 = + 0-2% 

H terror =* + io-»x f'r 
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Therefore, the indicator is suitable. 

It was shown above how the suitability of any specified indicator can be determined 
by calculation of the indicator error in titration. If no indicator is specified, then one is 
chosen such that its titration exponent is as close as possible to the pH at the equivalence 
point (which can be found from known formulas), and the indicator error is calculated 
for this indicator. 


§ 68. Titration of Dibasic and Polybasic Acids 

In accordance with the stepwise dissociation of di- and polybasic acids, 
their neutralisation is also stepwise. For example, the following reactions 
take place in titration of orthophosphoric acid with caustic soda: 

H3PO4 +NaOH = NaH2pO^+H.O 
NaHoPO^-fNaOH = NagHPO^ 4-H2O 
Na.HP 04 + Na0H = NagPOj +H 2 O 

Accordingly, the H3PO4 titration curve, shown in Fig. 51, has not one 
but three equivalence points.* 

pH 



Moles of NaOH 

Fig. 51. Titration cun’e of 01 M H 3 PO 4 solution with 0-1 N NaOH 

The first of these corresponds to formation of the monosubstituted acid 
salt (NaHPO^). the second, to the disubstituted acid salt (Na.,HP04), 
and the third, to the trisubstituted salt (Na3P04). The first equivalence 
point is reached after one mole of NaOH has been added per mole of 
H;jP 04, the second after addition of two moles of NaOH, and the third 
after addition of three moles. For example, if 30 ml of 0*1 M H3PO4 


* In Fig. 51 the abscissa axis shows the number of moles of NaOH per mole 
of H3PO4. 
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§ 68 


solution is titrated, the first 


pHi = 


( 1 ) 


■„, H „l, NaH PO formed at the first equivalence point gives rise to H.PO, 

ion^Ld'tUf in^.h& 

H.PO 4 - H'^-rHPO* 


f H + and HPOa - - ions are not equal, because some of 
Here the concentrations of H undissociatcd H^PO, molecules. The 

the H-*- ions combine HnPO* *^55 is evidently equal to the number of 

amount of H+ ions therefore wriw 

undissociatcd H,PO, molecules in solution, we 

[H+J+IHjPOJ = J 


In addition, we can write the equations for K, and K, 


rH-*- UH,po.-) 

[H 3 P 041 

IH^lIHPOr~l ^ y. 

(H:P04‘1 


(3) 


(4> 


, H fH PO 1 from Equations (3) and (4) and substitute their 
We find [HPO. — ] and (HJPO 4 J irom 

values into Equation (2). This gives *• ru PO - 1 

I 


[H+1 + 


K, 


or 


and hence 


X, [H + P + IH.PO 4 " I [H + 1= = (HjPO, 1 
[H+] = |'K,+ lH,POr] 


V ► 

-w.rrtivte and each molecule dissociates to yield one 
Since NaHjPO, is a siring cl^troh^ hydrolysis stages, that 

HaPO," ion. we can assume, disregaraing u 

(H.PO,-]^ Csalt 


Consequently 


]{ XtX.Cfalt 


(5) 


. u e.. r is small in comparison with Csait. it may be disregarded 
i„ of“h1Vra'c.io un der the roc , sign. Then 

Taking logarithms and reversing signs, we have ^ 

-log [H + 1 = -4-‘°8 
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or 


pH = 


P^t P^s 


( 6 ) 


Therefore, the pH of solutions of acid salts is the arithmetic mean of the two dissocia- 
tion exponents of the corresponding acid. 

We also find that the pH of Na.HPO, solutions is given by 

pX; + PXs 


pH = 


(7) 


In pH calculations in such cases the following processes must be taken into account: 
(a) dissociation of HPO 4 — ions; (b) combination of the latter with ions to form 
HjPOi”; these processes have the constants: 


[H^] [PO 4 ] 

[HPO 4 ' - ] 


= Xj and 


[H 1 [HPO 4 - ' ] 
[H-PO4-I 


= X. 


The numerical values of the dissociation constants of phosphoric acid 
and the corresponding values of pAT are 


Xi = 7-51 X 10-3; 
K., = 6’23xlO-8; 
X3 = 2-2 x10 -«; 


pXi = — log 7-51x10-3 = 2-12 
pXj = — log 6-23x10-8 = 7-21 
PX3 = — log 2-2 X 10 -13 = 12-67 


Therefore, at the first equivalence point 


-- 2-12 4- 7-21 ..4: 

pH, = ^ = 4-66 


And at the second equivalence point 

pH„ = = 9-94 

The pH at the third equivalence point can be calculated from the formula 
for pH of salts of weak acids and strong bases: 


pH,n = 7 + i/2 p/: + 1/2 log Csait 


Although this formula was derived for salts of monobasic acids (§ 63), 
it can be used in the present instance with an accuracy adequate for practical 
purposes. Hydrolysis of Na3P04 is confined mainly to the first stage, corre- 
sponding to the equation 

PO4 +H.O - HPO4---I-OH- 


The hydrolysis in the subsequent stages is so slight that it may be dis- 
regarded. 

Taking this into account and noting that the first hydrolysis stage of 
NajPO., depends on X3, we have: 


pH 7 + 


12-67 


+ 1/2 log 0-1 S. 12-8 


2 
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Therefore, the first equivalence point (pH = 4-6) close to the range 
of methyl orange (pH = 3- 1-4-4), and the second (pH - 9 93) >s m the 

"towL^^wi^rorthl^^rsu^^my if a particular indicator in titra- 
for pmcise tit-lmn appears on mrat, on 

h"ih Enough (at least 10<). I" the present instance these ratios are: 
for the first equivalence point 

_ 7 SlxlO:^ _ 1-2x105 
•xT " 6-23x10-* 

for the second equivalence point 

fC, __ 6-23x1^ ^ 

Therefore, pH breaks large enough to allow accurate titration of H^PO. 

U c^a^frl^t tLThatb«n';:rd1^^ in presence of methyl orange 
indicator H3PO4 is titrated as a monobasic acid, i.e., 

il^PO,+ NaOH = NaH.PO^ f H,0 

in this case ‘he gram-equivalent of HsPO.U^ 

onhrmo\7thalefnrphor;Lric acid is titrated in accordance with the 

equation + 2NaOH = Na.HPO. + 2Hp 

i.e., it behaves as a dibasic acid. There the gram-equivalent of H,PO. is 

“ ^iLftUmtifn ?f'or"osphoric acid as a tribasic acid : 

H3PO4 + 3NaOH = Na3P04 + 3H3O 

- • -ui -.h anv indicator, because the corresponding dissociation 

IS impossible with is very small (^^3 = 2*2 x 10 -»5). It is 

constant of orthophosphoric ^ ,0-„ there is no break at all on the titration 

known (p. 240) that even at is: - mere 

h titration may be performed indirectly. The HsP04 is 
reptodT; an equivalent amount of HCl by the action of CaCU. and the 

hydrochloric acid is titrated. 

2H3PO4+ 3CaCl2 — i Ca3(P04)2+ 6HC1 

6HCI + 6NaOH = 6NaCl + 6H2O 


17 - ©001. 
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These equations show that the reaction between H3PO4 and CaCIa gives 
the insoluble salt Ca 3 (P 04)2 and hydrochloric acid (in an equivalent amount), 
and the latter is titrated with alkali. In this case the gram-equivalent of 
H 3 PO 4 is of a gram-molecule. 

Now consider the titration of carbonic acid. It is neutralised as follows: 


pH 

1 


3 

k 

5 

$ 

7 

8 
3 
1C 
It 

/2 

13 




f/////////////M 



NaHC 0 « 



11.S 


No^CoTI 


1 

Holes of NaOH 


Fig. 52. Titration curve of HjCOa solution 
with NaOH solution 


H2CO3 -HNaOH = NaHCOa+HzO 
NaHCOs+NaOH = Na^COa+HaO 

Accordingly, the titration curve 
(Fig. 52) has two equivalence points.* 
One corresponds to formation of 
NaHCOa and the other, of NaaCOs- 
For carbonic acid: 

^1 = 4-31x10-’; 

pjfj = — log 4-31 xlO-’ = 6'37 

A2 = 5*6Ix10-JM 

= — log 5-61 X 10-^ = 10*25 

and the pH values at the two equiv- 
alence points are 

,, p^i + pJf, 6-37 -f- 10^ __ 

pHi 2 2 

= 8-31 


and 

pH„ = 7 + Vj + V 2 log C,.„ = 7 + -5^' + V 2 log 0-1 ^ 1 1-6 

Since the first equivalence point is within the phenolphthalein range, 
carbonic acid is titrated js a monobasic acid in its presence. However, 
the pH break is not sharp enough, as the ratio Kx'.K^ is somewhat less 
than 10* (actually 0*8 x 10*). Therefore, the titration is not ve^ precise. 

Direct titration of carbonic acid as a dibasic acid is clearly impossible 
because of the very low value of K^, and the consequent absence of a pH 
break on the titration curve.** 

The reverse process to that considered above, namely titration of Na 2 C 03 
solution with HCl solution, is of considerable practical importance. The 
following reactions take place: 


Na^COj + HCl = NaHCOs+NaCI 
NaHCOa+HCl = HXOa+NaCl 

• In Fig. 52 the abscissa axis shows the number of moles of NaOH per mole of 
H.CO,. 

•• Such titrations can be performed by indirect methods only. 
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The equations show that Na.COj is first converted into NaHC03; the 
-if :: start of 

-Howeve^'“ melh“o?anS is now"a” to the solution its colour becomes 

of whfch has pA of about 4 0, which is the same as the titration exponent 

°^f''Na‘cO Tiitrated in presence of methyl orange from the start, two 
mirof&i would be taLn per mole of Na.^CO^, m accordance w.th 

the equation 

Na-.COa + 2HCI = HXO3 + 2NaCl 

In presence of phenolphthalein the amount of acid required for the mra- 
tion would be a half of this, or 1 mole. 

Na.^C03 + HCl = NaHCOa + NaCl 

i« ™"»“' “O" r"-' 

simultaneously in ^Jfnto account in preparation of standard 

This absorb CO3 from the air and 

alkali solutions. It is known impurity. If this impurity 

therefore are obtained in titration of equal volumes 

IS not removed different r^^^^ phenolphthalein respec- 

^:iSf ‘I- - fir;: 

B\c“to°Sn‘'ioThe''solution. The CO.,; - ions are then precipitated 
almost completely in the form of BaC03. 

COg - - Ba + i BaCOj 

Other methods (not considered here) are also available. 

§ 69. Titration of Salt Solutions 

The neutralisation method can be used o'* 

and alkali solutions, but also of certam salts, such as Na^COa and NaHCOg. 
irmitady, -might be possible to titrate NaH.^PO. with caustic soda as far 

17* 
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as Na 2 HP 04 (in presence of phenolphthalein), and Na 2 HP 04 with 
hydrochloric acid as far as NaH.P 04 (in presence of methyl orange). 
However, it is far from always possible to titrate salt solutions, which are 
alkaline or acid because of hydrolysis, in this way. To understand the 
reasons for this let us consider the general aspects of titration of salt 

solutions. 

It IS easy to see that if a solution of a salt of the type NaA, formed from 
a strong base (NaOH) and a weak acid (HA), is titrated with a solution 
of a strong acid the solution pH must change exactly as it does in the 
titration of weak bases. 

To show this, let us calculate and plot the titration curve for such a 
case. 

At the start of the titration we have a solution of the salt NaA, the 
pH of which is found from the formula 

pH = 7 -f ypA'iiA +4* ^NaA 

derived in § 62. 

At the intermediate stages of the titration the solution contains the 
free weak acid HA, formed by the reaction 

NaA + HCl = HA + NaCl 

together with residual unconverted salt NaA. The pH of such mixtures 
can be calculated from the formula (see § 62) : 

pH = P^-log:^ 

At the equivalence point all the salt taken is converted into the free 
acid HA, the pH of which can be calculated from the formula (see 
§ 62) 

pH ^yp/CiiA— 4* 

Finally, when the titrating acid is present in excess the solution pH is 
calculated in the usual way, from the total HCl concentration in solution.* 

Table 14 contains calculated data for a titration curve of a salt of the 
N.iA type for the case when /^ha = 10 i.e., pA^ha = 

curve itself is plotted in Fig. 53. 

It is clear from an examination of this curve that it is quite similar to 
the titration curves of weak bases with strong acids. Indeed: (a) as in the 
titration of weak bases, the equivalence point here lies in the acid region 
(at pH = 5 0); (b) the pH changes sharply near the equivalence point 


• The presence of the free acid HA. the dissociation of which is slight and is, moreover, 
suppressed by the presence of the strong acid, has virtually no effect on the solution pH 
and may be disregarded. 
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Table 14 


inn ml of 0*1 N Solution of Salt NaA of a 
Variations of pH in Titration SoluUon 


HO 

tdded, ml 

Tf « 

Excess, 

ml 

Cha 

Calculations 

pH 

pH in 
titraiioa 
of weak 
ba'c MeOH 
of piC=5* 

NaA 

HO 

CNaA 

0 

100 



pH ^ 

= 7 + 2 + >/i logO-^ 

no 

no 

50 

50 


50 

50 

pH: 

=*9 — log 50 + log 50 

9-0 

90 

90 

10 


90 

10 

pH 

_9_-log 90 + logl0 

805 

805 

99 

1 


99 

1 

pH 

=. 9 — log 99+logI 

7-0 

70 

99-9 

01 


99-9 

0-1 

pH 

_ 9 —log 99-9+logO l 

6 0 

60 

100 

— 

— 


pH 

=,^—1/, log 01 

50 

5-0 

(equlv. pi.) 
1001 
1010 
1100 

— 

01 

1 

10 

— 


(H* 1 - 10'* 

[H ' ) = 10-* 

IH+l * 10"' 

40 

30 

20 

10 

4-0 

30 

20 

10 

200 

— 

100 


1 

1* • * 




• The v.lues in ibb column were calcuU.ca 

io the calcttUiioos. 

^ 14 - 41 so that accurate titration is possible; (c) ac- 

(from pH = 6 to ^ ^ eO can be titrated in presence of methyl 

cordingly. this sa U ^ but not in presence of phenolphthalein. 

orange and methyl md t ^ 

The last column of Table 1 titration of a weak base MeOH 

spending points °U- 9 Ts 7 ,ow 7 thar.hclt;ation curves in the two cases 

are not merely '’I’^^oZ^bas^ and a weak acid of dissociation 

TUraticn of a ^ff°Z£'^f,Za,ion of o solution of u neak hose of 
exponent iK is the J r same co/icertfraz/o/i; the two titration 

dissociation exponent 14 p . J 

curves are absolutely identica . . i, <• .i, 

. « r...rv« is explained as follows. We know that salts of weak 

The identity of the alkaline solutions owing to hydrolysis of the salts, the 

acids (HA) and strong increasing hydrolysis constant. Therefore, the pH of a 

extent of which inerwses should be determined by the negative logarithm of the 

solution of a salt of type _ ,l- pu of n solution of a weak base is determined by pA 
hydrolysis constant Ab. JUSt as me rn v 

ofthebase. However, 10"“ . ^ /n 

pX, = -iogA-. = -io*^ = i4-pir..A (» 
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Because of the above-mentioned role of the value of p/sTh and by virtue of the relation- 
ship (1) between this value and pA'ha weak acid HA formed by hydrolysis, if we 

replace pA'base the formulas used for calculating the titration curv'es of weak bases 
by 14 — pAha obtain formulas which are used for calculating the titration curves 



of salts of the NaA type with strong 
acids. For example, if in the formula 

pH = 14 ^pAbaae + Cbaae 

(2) 

we perform this replacement and also 
replace Cbase by Csait. we obtain the 
formula 

pH = 7 -f- y pAha 1 - y log Csait 

(3) 

These formulas are used for cal- 
culation of the initial points on the 
titration curves of a weak base (2) 
and a salt NaA (3) with a strong acid. 
These points should therefore coincide. 
It is easy to show that the same 
applies to all other points on both 
titration curt’es. 


Fig. 53. Titration cur\'e of a salt NaA of a 

weak acid HA (An. \ 10 ®)withO lNHCl The following important con- 

elusion follows from the identity 
of the titration curves: titration 
of a salt of a weak acid, of the NaA type, with strong acids is possible 
only if the weak acid II A has a fairly low dissociation constant fairly 
high pA). In facl.il was Slated earlier that if pAjj^. = 9, i.e.. Aha = 10 
the corresponding salt can be accurately titrated like a base of pA = 5. 

However, if pAha = 5, the titration curve with a strong acid for such a 
salt would be identical to the titration curve of a base of pA = 9, i.c., A = 
“10 On titration curves of such weak bases there is no sharp pH change, 
and therefore they cannot be accurately titrated (p. 246). 

For example, sa'ts such as CH^COONa or HCOONa. etc., cannot 
be titrated, because the dissociation constants of the corresponding acids 
(acetic, formic) arc relatively large (1-8 < and 2x10"^). On the other 
hand, salts such as KCN (A'hcx = 7 x 10 and pA = 9-15) can be 
titrated with strong acids.* 


The same is true of salts of di- and polyb-isic acids. For example, salts 
such as Na^CO, or N.ijBjO;, being salts of very weak acids, can be effec- 
tively titrated with strong acids. On the other hand, salts such as Na,C>0. 

w ^ v 


• li was noted earlier that only weak acids and bases with pA’ s* 7 can be titrated to 
a precision of 0 1“ '.. Evidently salts of weak acids can be titrated with the same precision 
only provided that the pA of the corresponding acid is equal to or greater than 7. 
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and Na,AH,Oe, derived from the much stronger oxahc and tartanc acids, 
etc., can be titrated if acids formed by tlio reactions dis- 

(CH3COCH,), as in have much lower dissociation constants 

sociate much less than in ^ iv -jU salts of orcanic acids can be titrated 

than in aqueous solutions). Nearly^ajl salts 

in a mixture consisting of 7 'O titration ot sails of sM-ak 

Exactly analogous of a solution of NH.Cl with 

bases and strong acids For ^ ^ j of 3 weak acid HA with pA^n-x - 

NaOH solution is equivalent toj.trat.on oi 

= 14 — pXnh.oh - .^rrt>snonds to dissociation constant Aha 

This value of pAha ^alue of A there is no pH break 

= 10-*-“ = 5-6x10''®, and with thi jojution cannot be titrated 

on the titration curve. of indicator. However, this salt 

directly with NaOH in P^^., ^y indirect methods. One such method 

can be determined hLtcd with an exactly measured volume 

is as follows. A solution of NH^ The heating is con- 

of standard NaOH "^d jn the reaction 

tinued until the ammonia fo , /-i . h o ' NH ‘ 

NH.CI f NaOH = NaCl i H,0 r NH3 , 

is completely removed. solution. The amounts of NaOH 

The residual NaOH is titraud neutralised by the HCl are known: 

taken initially, remaining ® JJjon used in the reaction with NH4C1 

the number of milhhtrcs of N amount of salt can be easily calculated 

is found by difference. From this the am 

<§ 77). , hack^titration (or residual titration) is very 

This procedure, known ■ ^^d extends its range considerably, 

often used in volumetric ^ j 3^jons of various salts by the neutrali- 
In particular, it is used for dete determine a calcium salt in a 

sation method. For examp . j^nown excess of standard NaXOg 

given solution, we can f^d to i presence 

solution and then ^ . f ^a.COj required for the reaction with 

of phenolphthaleim The g' between the total amount taken 

Ca + + is found from the i, easy to calculate the 

and the amount neutralised by HCi. 

amount of the original sal • practical importance. For example. 

Back-titration is a f permanent hardness of water (see § 74), 

it is used for detcrmina ions oi in ^ chromium m 

phosphorus in fertilisers cubslances, etc. 

'“SuSn .ntS^n^aXtUratio will be considered in deiad later. 
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§ 70. Effects of Various Factors on Indicator Changes 

In conclusion, let us consider the effects of various factors on indicator 
changes. 

One such factor is temperature. It is known that the dissociation con- 
stants of electrolytes vary with temperature. The colour range of an indicator 
depends on K. Therefore, the range of an indicator should also change 
with temperature. Table 15 compares the ranges of the most usual indica- 
tors at 18 and 100^ C. 

Table IS 

Effect of Temperature on Indicator Range 



pH Range 

1 

pH i 

^ange 

Kndicator | 

! 1 1 

1 at 18* C j at too* C i 

! I ! 

Indicator 

t 

ot 18^ C 

at 100* C 

Methyl orange . 

1 1 

3 I-3-4 2-5-3-7 i 

Phenolphlhalein . . 

I 8-10 

81-90 

Mcihyl red . . . i 

4-2-6-3 40-60 j 

Thymolphthalein . 

9-3-10-5 

8-7-9-5 

Phenol red , ; 

1 

1 

68-8-4 7-3-8-3 j 

Nilramine 

4 • 

110-12-5 

90-I0-5 

1 


In addition, the colour intensity and sharpness of the colour change 
may also alter with temperature, and as a result some indicators may 
become quite unsuitable. 

Another factor is the presence of non-electrolytes such as alcohol, 
acetone, etc., in solution: these may sometimes take part in titration as 
solvents. Being non-ionising (or weakly ionising) solvents, such substances 
depress the dissociation of the acids and ba.ses \shich are being titrated 
and weaken their influence on indicators. Of course, the indicator ranges 
also alter. 


The presence of proteins, colloids, and neutral salts in solution also 
generally influences indicator ranges. Although only indicators which give 
small “protein'’ and “salt" errors are used in titrations, nevertheless at 


high protein or salt concentrations in solution these errors may become 
considerable. 


In order to e.\clude the effects of all these factors on the final analytical 
result, \\hene\er a titration has to be carried out with heating or in pres- 
ence of non-eIeciroI>les, large amounts of salts, etc., ihe solution used must 
(ilwavs be standardised under the same conditions. This is, in general, one 
of the most important rules in \olumctric analysis. 

Let us now consider the very important question of the amount of 
indicator which should be added in titration. Beginners often take loo 
much, thinking that the more indicator is taken the easier it is to detect 
tile colour change. In reality the reverse is true. Although the colour of the 
solution is brighter if more indicator is used, the colour change is more 

difficult to detect, because it occurs more craduallv. To understand the 

^ ¥ 

cause of this, let us consider as an example the colour change of any 
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indicator when OH" ions are introduced into a solution containing it 
We know that this change is caused by conversion of molecules of one 
tautomeric form of the indicator (Hind®) into another (Hind) and then 
into (lnd“) anions as follows: 

Hind® - Hind H -f Ind " 

If a small amount of indicator is taken then the 
molecules in solution is low. Therefore, when only a single drop of alkali 
is added they are nearly all converted into Ind anions and the colour 
change is sharp. With a large amount of indicator evidently a corre- 

^ondfng y large^r amount of alkali is needed to produce an 

cTur chLge This is what occurs in titration. Under given conditions 

♦u I u tak^n ihc sharper is the colour ch3ngc* and vice versa. 

It foUows from all this that a large amount of indicator should not be used 
intitr"^ sufficient to add 1-2 drops per 25 ml of 

degre^oTp^^^^^^^^ with which the equivalence point is determined 
Ihe degre P amount of indicator but also on 

depends not only c^DDOse for example, that alkali is being added 

the an acid^n this case in presence of methyl orange indi- 

from a burette to ‘ accompanied by a change of colour from 

rK\o of oTlop of aka,i. Th.s colour change is 

pink to yellow cannot be determined very accurately. It 

usually difficult to d change, from yellow to pink. Therefore. 

ILTdonsir presence of methyl orange are usually performed by addition 

of acid to . ujhalein. when alkali is added to acid an easily 

In presence of P P , (from colourless to pink). However. 

?h?^ ve L'la ge a"\lso b^ obserx.d quite accurately. Thc^cTore, m 
the reverse chai g js so important as with methyl orange. 

TtTol rnoterthardifferen titration sequences involve titra- 
It shouM b therefore to different pH values. 

tion to litritions of alkali with acid in presence of methyl orange 

For example m . t^ titrated with alkali (i.e., if the solution 

the end P°‘" P*^ the end point is at pH 4-4. Similarly, 

inTrTnTion ?n 0^00 of phcnolpluhalein the end point is at pH = 9 
in titrations P pjnk colour), and at pH = 8 

when acid is t ^cid. If the break on the titra- 

Ho".^ cu?^ i fairly sharp and both pH values arc within its limits th.s is 
of no practical significance; otherwise it may be very important. 


« t • in nr<>«tnce of indicators such as phcnolphlhaicin, which arc very sen- 

In P j amount (8-10 drops) of indicator is sometimes taken m 

order lo Stase t cfefcf aC^orp.ion of CO. from .he air by .he so.e.ion. 
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In order to delect the colour change at the end point more easily, espe- 
cially with methyl orange, the following procedure is convenient. Distilled 
water of roughly the same volume as the solution at the end of the titra- 
tion is put in a beaker or flask. The same number of drops of methyl 
orange as are taken in the titration is added, followed by 1-2 drops of 
acid from the burette, so that a weak but distinct pink colour appears. 
The colour of the titrated solution should then be taken to the same shade. 

In this way it is possible not only to determine the end point more reliably 
and accurately, but also to apply a correction for the amount of excess 
acid required to produce an appreciable colour change in titrations with 
methyl orange. 

For example, if 24-30 ml of HCl solution is taken for titration of an alkali 
solution, and 2 drops of acid were used in preparation of the comparison 
solution, it follows that the amount taken in the titration was 2 drops more 
than is required to neutralise the alkali. If the volume of a single drop is, 
say, 0-03 ml * then the actual amount of acid taken for neutralisation is 
24-30— 0-06 = 24-24 ml. 

It is obvious, of course, that such corrections should be applied if the 
determination and the standardisation of the solution used were carried 
out under different conditions. If the conditions were the same, then the 
errors in both cases are equal and compensate each other, so that the result 
is not affected. 

Sometimes, in addition to (or instead of) such a comparison solution 
another one is used, without acid and therefore of pure yellow colour. 
If both these comparison solutions are placed by the side of the titrated 
solution and the colours are compared continuously, the end point can be 
delected even more accurately. 

The so-called mixed indicators arc used in order to obtain sharper colour 
changes and to co-ordinate them with narrower ranges of pH. They are 
usually mixtures of indicators with indifferent dyes. The colour of the dye 
should be complementary to the colour of the indicator at the pH equal 
to the titration exponent of the indicator. It follows that when this pH is 
reached the solution becomes colourless. Sometimes suitable mixtures of 
two different indicators arc used for this purpose. 

Let us consider the indicator consisting of a solution of 1 g of methyl 
orange and 2 5 g of indigo carmine per litre of water. Indigo carmine is 
a blue dye the colour of which does not change during titration. Therefore, 
its colour is merely added optically to the colours given by the methyl orange. 

In alkaline solution (more accurately, at pH s* 4-4) this indicator is green 
(combination of yellow and blue). In acid solution (at pH«s3-l) it 
should be violet (combination of pink and blue). At the pH correspond- 


• The drop volume depends on the diameter of the burciie orifice and must be meas- 
ured.To do this. 50 of 100 drops of liquid arc discharged from the burette* the volume 
IS read off, and divided by the number of drops. 
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1 - 'T (■ Jn.liratnr (i e 4) the colour components are pink- 
ing to the pT of the ^ - -on^piementary colours, and the 

S; o. .e ..e™ea,.e 

'’‘"XyTxfdrndiSwrs^atno^'l^^^ of then, are detailed 

in Table 16. detecting pH changes of the order of 

Mixed indicators can be ^ for detec ^ 

OT-0-15. Such indicators are J ^ titration is even possible 

on the titration curve is not ^ change at all. For 

^S)"lt ts^r « this ti^atton is intpos- 
sible in presence of single indicators. 


Mixed Indicators 



— 

Colour 1 

wkT 

Notes 

Composition of 
indicator solutioo 

A:B* 

Acid 

form 

Basic 

form 1 

pi 

A. Methyl orange 
(0-1% in water) 

B. Indigo carmine 

/A ^coy • r\ «xrotAr^ 

1:1 

Violet 

Green 

4-1 

Very convenient 
for titrations by 
artificial light 

(ij'Zj/c in water; 

A. Bromcrcsol blue 
(0-2% in alcohol) 

B. Methyl red (0-2% 

3:1 

Red 

Green 

51 

Very sharp colour 
change 

in ajconoii 

A. Neutral red 
(01% in water) 

B. Methylene blue 

rA.ioy Im aijQti^r^ 

I;1 

Blue-violet 1 

Green 

70 

Should be kept in 
a dark bottle 

fU*l/o in water ; 

A. Phenolphlhalcin 

B. a-Naphtholphthalein 

/A.ioy Sn <A®/ alr^hol) 

3:1 

Pale pink 

Violet 

8-9 

Pale green at 
pH » 8-6 

tU*I in W /» •**^^**'^*' 

A. Thymol blue 
(0-1% in 30 % alcohol) 

B. Phenolphthalcin 
(01% in 50% alcohol) 

1:3 

1 

Yellow 

Violet 

90 

Green at pH = 9 0 


• Volume proponions in wbicb .olulion* A and B are 


mixed before um. 
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QUESTIONS AND PROBLEMS 
(on §§ 58-70) 

1. What are the pH values of solutions containing: (a) 2xI0“* g-ion H'^per litre; 
(b) 0 008 g-ion OH“ per litre? 

Answer: (a) 3*7; (b) 11-9. 

2. Two solutions have pH values of: (a) 2-63; (b) 12*45. What are the H"*" and OH 
ion concentrations in these solutions: 

Answer: (H + 1 = 2*34 X 10 ; [OH " ] = 4*27 x 10 

[H+] = 3*54X10 [OH- 1 = 2*82x10-* 

3. What are the pH values of: (a) 0 015 N HCl; (b) 0005 N KOH? 

Answer: (a) 1*82; (b) 11*70. 

4. What arc the degree of dissociation of 0*1 N acetic acid solution and the dissocia- 
tion constant of acetic acid if the pH of the 0*1 N solution is 2*87? 

Answer: a = 1*35%; K = !*82xI0-*. 

5. Calculate the pH of 0 01 N formic acid solution, given that ^Thcooh =2x10 

Answer: pH = 2*85. 

6. Calculate the pH of 001 N NH,OH solution, given that JCmhiOH = l'8xl0-“. 

Answer: pH = 10*63. 

7. Calculate the pH of a mixture containing 0*01 A/CHjCOOHandO*! M CH^COONa. 

Answer: pH = 5*73. 

8. Calculate the pH of a mixture containing 0*2 M NH4OH and 0*02 M NH4CI. 

Answer: pH = 10*25. 

9. Calculate the hydrolysis constant and pH of 0*01 N NH4CI solution at 22® C. 

Answer: Ku = 5*6x10-’''; pH = 5*63. 

10. Gilculate the pH of buffer mixtures containing: (a) 0*01 A/ CH^COOH and 
0*01 A/CH,COOK:(b)001 .WCHjCOOHand 0 05 A/CHjCOOK;(c) 0*5 A/CH 3 COOH 
and 0 01 M CH.^COOK. 

Answer: (a) 4*73; (b) 5*43; (c) 3*03. 

11. A solution contains NaOH in 10“® N concentration. How is its pH changed by 
addition of 0 001 mole of (a) NaOH; (b) HCl to 1 litre of the solution? 

Answer: (a) Increased by 2; (b) decreased by 6. 

12. A solution contains 0 056 M NH,OH and 01 A/ NH^Cl. Calculate its pH and 
find how this value is changed by addition of 0-001 mole of (a) NaOH; (b) HCl to 1 litre 
of the solution. (Compare the answer with the preceding problem.) 

Answer: pH == 9-00; (a) increased by 001; (b) decreased by 0*01. 

13. Calculate the concentration ratio [HCOOH J : [HCOONa] required to give 
a solution of pH = 2, given that A.'hcooH — 2x10“*. 

Answer: 50 : 1. 

14. In what cases is the equivalence point at pH = 7; at pH >• 7; at pH •< 7? 

15. The indicator bromthymol blue is a weak acid; it is yellow in strongly acid and 
blue in strongly alkaline solutions. Explain the change of colour with pH in the light of 
the ionic theory of indicators. 

16. Briefly state the chromophore theory of indicators. NVhat are chromophorcs and 
auxochromes? 
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^ 18. The indicator atorin yellow 

= 10-'>. Us acid and alkaline ^ o‘°tion on the pH scale. 

range of this indicator arises 3, 

19. Taking the preceding ‘"I 12 14 in which of these cases arc the colours 

the following pH values: 2; 7; 10^ H. lA !*♦• 

exactly the same m appearance. respectively. Will they 

and with phenolphthalem (PH range 

21. The dissociation constant 
of this indicator. 

Answer: Approximately 6 0-7 6. i^ji^^tor? Give the titration exponenU of 

22. What is the What (approximately) arc the tUration exponents 

four of the most and a izarin y^ (Problem 18)7 

of bromthymol blue (Problem 2 ) nd ah y approximately which 

23. Describe how. Explain why a qualitative approach 

indicator is the most suitable for a giNcn 

“ It/ot'oTod n'nToH so.nUon is added ro 20 nd ofC. N HC. Find rhe pH of 
the resultant solution.® 

Answer: pH — 12-30. ml' (b)25‘05nil of 0*1 N NaOH 

Answer: (a) 4; (b) 10. titration of 0 02 N KOH with 0 02 N 

26. Calculate and plot the ^ the pT range of indicators suitable for 

SS^lr^tio^TwS cf'^ 

Answer: From pT = 4-7 to pT 9 3 ^Cq.! ^ formic acid (HCOOH) 

27. Calculate and *!?®‘“'^‘* iaHndicators are suitable in this case? Can the indi- 

wilh 0-1 N KOH. 3 0-16) or neutral red (pH range 6 8-8 0) be used? 

“t 2;rof"o“2 N^NaOH U added .o 25 nd of 0 2 N CH.COOH. Whal is .he pH of 

the resultant solution? 

Answer: pH = 61T ^5 q-j N CH,C00H. Calculate the 

29. 25-1 ml of 0-2 ^ NaOH account). 

pH of the resulunt solution (uktng 

Answer: 10-6. changes) the region of pH break and the ^uivalcnce 

30. Find (disregarding N NH OH with 0-5 N HNO,. Which of the usual 

point on the titration curve of 0-5 N 

indicators may be used ^ ^ 4.78. 

Answer: Region of pH breax irum 


• Take the volume change into account. 
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31. What is the pH at the equivalence point in titration of 0*1 N NH 4 OH with 
01 NHCOOH? 

Answer: pH = 6-50. 

32. What is the indicator error in titration ? List the types of such errors. 

33. What are the indicator errors in the following titrations: (a) 0-1 N HCl with 
0-1 N NaOH in presence of methyl red (pT = 5*5); (b) 01 N NaOH with 0*1 N HCl in 
presence of nitramine (pT Psi 12)? 

Answer: (a) — 0-0064%; (b) +20%. 

34. What are the indicator errors in the following titrations: (a) 0-1 N HCOOH with 
0-1 N NaOH in presence of ihymolphthalein (pT = 10); (b) 01 N NH«OH with 0-1 N 
HNO 3 in presence of methyl r^ (pT = 5-5)? 

Answer: (a) +0-2%; (b) —0-018%. 

35. Calculate the indicator error in titration of O-l N NaOH with 0-1 N HCOOH in 
presence of neutral red (pT = 7). 

Answer: — 0-056%. 

36. The dissociation constants of a Iribasic acid H 3 A are: AT, = IxlO”*, = 
= ixl0-®.and Ji: 3 = 1 x 10“’*. Calculate the pH values at the first and sKond equivalence 
points in titration ef this acid with a strong alkali (NaOH). What indicators should be 
used in titration of this acid to the mono- and disubsiituted salt? Is direct titration as 
far as the neutral salt possible? What is the pH at the third equivalence point (with Cgalt = 
=* 0-1 A/)? 

Answer: The pH values at the equivalence points are: pHi=4-0; pHii=9 0; pHin = 
= 12-5. 

37. How arc K^COj and KHCO3 titrated in presence of methyl orange and phenol- 
phthalcin respectively? How can the carbonate and bicarbonate contents be determined 
if they are present simultaneously? 

38. Explain why carbonate should be removed in the preparation of a standard alkali 

solution. Is this necessary if only strong acids are to be titrated with the alkali solution ? 

39. What factors influence indicator ranges? How can their influence on analytical 
results be excluded? 

40. Why is it wrong to take too much indicator in a titration? 

41. What is the significance of a particular titration sequence? What are comparison 
solutions and how arc they used? 

42. How arc mixed indicators prepared? What are their advantages? 

43. Calculate and plot the curve for titration of O-I N KCN with 0-1 N HCl. What 
indicators can be used in this titration? 

44. The dissociation constant of a base MeOH is 1 x 10“’®. Calculate and plot the 
curv e for titration of its salt MeCl with 01 N NaOH solution and compare this curv-e with 
the titration curve of a 0-1 N solution of a weak acid HA with a dissociation constant 
of 1 • 10"’. What indicators can be used for this titration? 

45. In what cases caa salts of (a) weak acids, (b) weak bases be titrated with sufficient 
accuracy? 

46. How should CH^COOK. be titrated with H-SO^ solution to give accurate results? 

47. How should boric acid be titrated with caustic alkali to give sufficiently accurate 
results? 

48. What are the pT ranges of indicators used in the neutralisation method? Explain 
this. 



CHAPTER VI 

examples of DETER^^NATIONS 

BY THE NEUTRALISATION METHOD 


§ 71. Preparation of Standard HQ Solution 

T , I .• c uc] are usually standardised (see § 58) against 

Laboratory solutions of HCl are usuany as it is easily 

borax or sodium carbonate, corresponding to the formula 

obtained in a chemically pure , satisfies the other require- 

Na,B.O,OOHAbyrec^s.a l.sat.on a<W ^ 

ments for Primary standards it is q carbonate is more difficult to 

Xo:: '^ydr-’j?;!:" 

When dissolved in water, borax undergoes y y 

Na,B,0, + 7H,0 2NaOH + 4H3BO3 
. L ^r.iA ;« nne of the wcakcst acids while NaOH 
is I^'trrX" rrslVon . tb.c.ore suon.ly « 

«?.!tuft!o^Vy°irming raAbralkali formed by hydrolysis is consumed 

in the reaction with HCl: 

2NaOH -t 2HC1 = 2NaCl + 2H,0 

Adding the two equations, we obtain the aggregate equation for the reac- 

NaAOr 2HC1 + 5H,0 = 2NaCl + 4H3BO, 

This equ^ior^^- ^ 

LTermTneS b^thl presence of H3BO3. Disregarding the volume change in 
Srorand\lkin^ of boric acid as 9-24. we have: 


9-24 


pH = V2p^acld — V2 log Cacld - 2 


+ 0-5 = 51 


Therefore, the most suitable indicator for the titration is methyl red with 
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pT = 5’5. Borax can also be titrated in presence of methyl orange, as its 
titration exponent (pT = 4) is not outside the limits of the break on the 
titration curve (pT = 4-0-6-2), On the other hand, phenolphthalein (pT = 
= 9) or litmus (pT = 7) cannot be used. 

Preparation of Borax Solution. Use a 250 ml or 200 ml measuring flask 
for preparation of a standard borax solution. 

First calculate how much borax should be taken. A gram-molecule 
(38 1 *4 g) of Na^BjOj • lOH reacts with two gram-molecules of HCl, i.e., with 

two gram-ions of hydrogen. Its gram-equivalent is therefore—^ = 190*7 g. 

. 19*07 

Therefore, 19*07 g is required for 1 litre of 01 N solution, and— ^ = 
= 4*7875 g for 250 ml. 

It is not necessary to weigh out exactly the calculated amount — this is 
of no advantage, and takes longer. Weigh out 4-5 g of borax on a technical 
balance, put it in a weighing bottle (or on a watch glass), and weigh the bottle 
with the borax accurately on an analytical balance. Then tip the borax 
out carefully through a dry funnel* into a thoroughly washed measuring 
flask. Then weigh the bottle with any remaining grains of borax accurately 
again and by difference find the weight of borax transferred to the flask. 
Wash all the borax carefully out of the funnel into the flask in a stream 
of hot water (borax is not readily soluble in cold water) from a wash bottle. 

Add more hot water to the flask until it is two-thirds full, remove the 
funnel, and smoothly swirl the contents of the flask until all the borax 
dissolves. Then cool the solution to room temperature and make up to the 
mark with distilled water. At the end add the water drop by drop, keeping 
the eye level with the mark until the bottom of the meniscus touches the 
mark. Then cork the flask and mix the contents thoroughly by repeatedly 
inverting and shaking the flask. Now calculate the titre and normality of 
the borax solution. To find the titre, divide the weight of borax taken by 
the volume of the solution.** 

For example, if 4*6812 g of borax was taken, then 

T = woo- = 8/™' 


To convert the titre to normality, multiply it by 1,000 (to convert to li- 
tres) and divide by the gram-equivalent: 



0 018 73 X 1.000 _ Q.Qog 1 Q 
190-7 


• The substance sticks to a wet funnel and clogs its tube. It is best to use special 
funnels for powders, with wide and short tubes (or ordinary funnels with cut-off tubes). 

•• Of course, if in the calibration of the measuring flask (§ 53) it was found that its 
capacity was not exactly 250 0 ml, the actual volume found experimentally should be 
used in the calculation. The same applies to the volume of the pipette (see p. 186). 
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P,epa,a«oo of HC. Solution One 0- > ^ hyd.ochio™ acid^conu.ns 

3-646 g (m round nu^mbers 3 g) C contains this amount 

concentrated hydrochloric acid (sp. gr. ) specific gravities of 

of HCl. Use Appendix V. which gives a ^^.f^'hows that hydro- 

strong acids and alkalies, for the calculation. table shows y 

chloric acid of sp. gr. 119 contains approximately 38 o HCl. 

By proportion: 

100 g of HCl solution contains 38 g HCi 
X g of HCl solution contains 3-6 g HCl 

_ ^ g 

^ - 38 

To convert this weight of acid. o volume. .must be divided by the spe- 
cific gravity of the acid (i i9). We then have 

81 ml 

Measure out the calculated volume (8j9^mO ^ 

roughly in a small measuring cybnd ^lindcr. Mix the solution thor- 
water with the aid of a large measur g y 

oughly. solutions start the titration. First read 

Titration. Having prepared ^ burettes and pipettes for volume 

all that was said above concerning th and finally rinse it out 

measurements (§ 53)- Wash ^ nreoared HCl solution in order to remove 
twice with small portions o he P-pa^^d ^ 

remaining water. Then fill the slightly so as to 

solution, put a flask or ah bubbles in it. 

fill the tip of the burette wi ho t 1 ^ ^^shed pipette; rinse 

Now take a clean comcal fU ^ ^ ^ borax solution and then transfer 

the pipette out twice with 

25-00 ml of this solution into e jhe 

In using the pipette ®he pette buf remove it. if possible, by touching 
last drop remaining m the pip 

'■'nttg mersurtt^Mhl solution, add one or, a, most, two drops 

of methyl orange a similar flask. For this, measure out 

Prepare a comparison ring cylinder, add 1-2 drops of methyl 

50 ml of distilled water with a burette so that the liquid turns 

orange and then one drop ^ HCl solution in the burette to the 

slightly pink.* Then adjust the level oi me n 

zero mark. 


~~1 -ui r.rr»narc ihc comparison solution without HCl. pis has a pure 

♦ It IS also possible " lour changes of the titrated solution by comparison, 

yellow colour, which readily shows w our cnang 

U is better still to have both comparison solutions. 


IS ~ 6001 . 
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Place the flask with borax solution on a sheet of white paper under the 
burette and gradually add HCl from the burette, continuously agitating the 
liquid by a smooth circular movement of the flask. It is necessary to detect 
the point at which addition of one drop of hydrochloric acid changes the 
original pure yellow colour of the solution to slightly pinkish, exactly 
the same as that of the comparison solution. 

It is difficult to detect this point exactly in the first titration. Therefore, 
first determine the volume of acid needed approximately, say to the nearest 
1 ml. For example, suppose that in the first titration it was fbund that with 
23-00 ml HCl the solution was still yellow, and with 24-00 ml it was bright 
pink. In this case, in repeating the titration with a fresh portion of borax 
solution, it is safe to add 23-00 ml of acid.* Beyond this add the HC! so- 
lution drop by drop. 

If you are in doubt whether the colour of the solution has changed, take 
the burette reading (see below) and then add another drop of HCl solution. 
If a colour change had taken place, the added drop is too much and makes 
the solution very distinctly pink. Of course, this excess drop must be dis- 
regarded. 

Having obtained a colour change by the addition of one drop of hydro- 
chloric acid, read the burette and write down the reading. 

If the bottom of the meniscus is not exactly on a scale division, try to 
estimate hundredths of a millilitre by eye. 

fn every reading care must be taken to have the eye level with the meniscus. 
The precise titration must be performed at least three times, with a fresh 
portion of solution each time and with the acid level in the burette adjusted 
to zero. With accurate work the differences between the readings amount 
to only a few hundredths of a millilitre. In any case, they should not e.xceed 
01 ml. If the deviations are larger, repeal the titrations until you have three 
concordant results and lake the average. All readings must Be recorded in 
the laboratory log-book, even if they are the same. 

Calculating (he Titre of Hydrochloric Acid Solution. Consider the follow- 
ing example. Suppose that 23-40; 23-20; 23-28; and 23*20 ml of HCl 
solution was taken in four titrations of 25 00 ml lots of borax solution of 
normality 009504. Rejecting the very high reading (23-40). W’e find the 
average: 



2.V20 - 23-28 -f- 23-20 
3 


= 23-23 ml 


where I jii i is the average of the readings. 

Denoting the normality of the HCl solution by N and using the rule 
derived above (p. 196), according to which the products of the volumes and 


• of course, before a fresh portion of borax is pipetted out the liquid must be poured 
out of the fl.isk and the flask itself must be rinsed out thoroughly first with tap and then 
with distilled water. The aeid level in the burette must again be adjusted to zero. 
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normalities of the reacting solutions are equal, we can wr.te: 

23-23 X A' = 25-00 x 009504 


and hence 


25-00x0 09504 ^^.,^^:^ 
^ “ 23-23 


The value of A^so found completely characterises the concentration of 

lution and is 

b. .he gram.equ.va,en. of HC, 

(36-46 g) and devided by 1.000: 

_ 0-10 23 • 3^6 ^ 0-003729 g/ml 

iHC* — 1,000 

All these calculations should be done with thj ‘iTur 

and antilogarithms "^^^gr'ha^ the calculations of the weight of 

significant ‘‘‘Sures). On th ^ ^.^ntrated HCI used for preparing 

the puanllties involved in them should 

be rounded off. 

§ 72. Determination of Alkali in a Solution 
When a standard HCI For " uch'a de^crmina: 

— h^ r .^1’ 

proceeding results (agreeing to within 0 1 ml) 

total amount o*" K..CO 3 . and Na.B.O,. solutions 

The «>"‘-Vis^’inc^l?a kiline .,n ‘Le ,itrat-ed in presence of methyl 
of n soluLns can be determined in exactly the same manner. 

Z"rnW d’ftcn" rs th" , the gram-equivalent of the particular sal, must 

be used in calculations of the litre. 

§ 73. Determination of NaOH and Na,C03 in the Same Solntion 

It is known that alkalies absorb CO 3 from the air and are converted into 
carbonates : ^ ^ ^^, ^03 + H 3 O 

. , 3 ki„g u„ portions of solution for titration remember to rinse out the pipette 
“‘iJ S;e"nE'^brSa,r'^desc,.bed in detail on p. ,97. 


18 * 
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Therefore, a solution of caustic soda always contains some Na^CO^, 
In some cases it may be necessary to know the amounts of NaOH and Na2C08 
present in a solution. Therefore, as our second example of the determination 
of alkalies, we consider the determination of NaOH and Na2C03 present 
in the same solution. There are two possible methods. One involves the 
determination of both equivalence points on the titration curve of Na2C^ 
(§ 68): in the other method NaOH is determined after precipitation of CO3- “ 
ions by Ba + ions. 


Determination of Two Equivalence Points 

It was shown in § 67 that, because of the existence of two equivalence 
points on the titration curve of Na2C03, titration of this salt in presence 
of phenolphthalein gives results different from those obtained by titration 
in presence of methyl orange. In presence of phenolphthalein the end point 
is the point at which all the NajCOQ is converted into NaHCOst 

NaaCOs + HCl = NaHCOj + NaCl 

When NajCOg is titrated in presence of methyl orange the indicator 
turns pink only after all the salt has been converted into H3CO3 : 

Na 2 C 03 + 2 HCl = HoC 03 + 2 NaCl 

Comparison of the two equations shows that when NajCOa is titrated 
in presence of phenolphthalein the amount of HCl required (1 molecule) 
is half the amount required in presence of methyl orange (2 molecules). 
Therefore, we can say that only half the Na-XOg is titrated in presence of 
phenolphthalein, and all of it in presence of methyl orange. This is the prin- 
ciple of the determination. 

Procedure. Put the mixture of NaOH and Na2C03 in a 250 ml measuring 
flask, make up to the mark with distilled water* free from CO2, and mix 
thoroughly. Pipette out 25 00 ml of this solution, and 8-10 drops of 0T% 
phenolphthalein solution, and titrate with standard HCl solution until 
the colour disappears after addition of a single drop. Write down the burette 
reading. 

Now add 1-2 drops of methyl orange to the titrated solution. The 
solution turns yellow. Continue the titration until the solution becomes a 
permanent pink and take the burette reading again. Repeat the precise 
titration once or twice more and take the average reading for each indicator. 

Calculations. When the unknown solution is titrated in presence of phe- 
nolphthalein, all the NaOH and half the Na._,C03 are titrated. After addition 
of methyl orange the other half of the NajCOg is titrated (Fig. 54). 

Therefore, if the burette reading was 23*20 ml in the titration with phenol- 
phlhalein and 24*60 ml with methyl orange, the volume of HCl taken for 


• See foolnote to p. 277. 
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n“co: uK: T«s orHo'L^d z 

r/ :r .hi x^rr^-H 

of NaOH and Na^COa respectively, i ;« the usual way Thus, the 
respect to the two components are calculated m the usual way. 

normality of the solution with respect to Na.,C 03 is 

0 1023 X 2-80 

A^Na-CO, — 2500 


= 0 01146 


where 0-1023 is the normality of the HCl solution. 


NaOH 


•-« — Na2 OOj 



PhenotphthaieLn 


J Methyl \* 
orange 


t « mivfiire of NaOH and Na-CO, with HC! 

-- ofX':o1ph.haU.n and of mchy. orange 

Hence the amount of NaXOa m 250 m! ' 

CO := 0 01146 X 53 00 x 0-25 = 0 1518 g 

’ , • ,-th r«»^nect to NaOH and the amount 

of"N^:OHr2^^ Tof:h^e dissociation constants 

corresponding ° restively low (not belter than 1 %)■ Another 

the precision of this *. „usorp0on of CO 2 by the solution from the 

factor lowering the precision converted into Na..C 03 . There- 

air (or water), so that be” akcn during the analysis: 

fore the following Pf^^^^^r^ust be used for diluting the solution; 

(a) water free from ^ immediately it has been measured out ; 

(b) the phenolphthalcin the acid must be added 

(c) attheend of the t ff^tion wn p h NaHCO,; 

tion of COj from the ^^ed must be fairly large (8-10 drops), 

(c) the amount Phe"^iutioi becomes colourless before the equivalence 
Xfis XcL“d"!Tcausc of the high sensitivity of this indicator to CO.. 

r-o water is boiled and then cooled in a vessel protected from CO: 

by mL^oTa^n Sorp"?- tu*l^ containing soda lime. 
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Despite the relatively low precision of this method, it can be used with 
success if the carbonate content is low in comparison with the NaOH 

content. 


Method Based on Precipitation of CO^ tons 

In this, more accurate, method two portions of the unknown solution 
are taken. One is titrated with HCl in presence of methyl orange, while 
BaCl, is first added to the other to precipitate CO 3 .The BaCOs precip- 
itate "is not filtered off, and the solution is titrated in presence of phenol- 
phihalein.* The first titration evidently gives the total volume (Kj) of 
hydrochloric acid required to neutralise the NaOH and Na 2 C 03 together, 
and the second gives the volume (Ko) required to neutralise the NaOH. 
The difference (P^,— k'i) is the volume of hydrochloric acid taken for neu- 
tralisation of Na 2 C 03 . 

Procedure. Put the solution containing NaOH and NaXOg into a 250 ml 
measuring flask, dilute it to the mark with water free from COj, and mix 
thoroughly. Pipette out an aliquot portion** (25*00 ml) of this solution, 
add 1-2 drops of methyl orange, and titrate with standard HCl solution. 
Repeat the precise titration 2-3 times and take the average reading. 

Now pipette out 25 00 ml of the solution and add 8-10 ml of 1 N BaCU 
solution and 8-10 drops of phenolphthalein. Without filtering off the 
precipitate (BaCOJ. titrate the solution with hydrochloric acid, stirring 
carefully, until the red colour has completely disappeared. Repeat the titra- 
tion once or twice more and take the average of the concordant results. 

Calculation. Suppose that in the titration with methyl orange an average 
of 24*42 ml of hydrochloric acid solution was used, and that 20*16 ml w^ 
taken in the titration with phenolphthalein (after precipitation of CO 3 
ions). The latter volume is the amount of HCl solution required to neutral- 
ise the N*’OH. Therefore, the volume of HCl taken for neutralisation of 
NaCO.T was 24*42— 20*16 - 4*26 ml of HCl solution. Then, with the same 
reasoning as in the first method, we can calculate the amounts of NaOH 
and NaCOa in 250 nil of solution. 

§ 74. Determination of the Hardness of ^^ater 

The liardness of water depends on the presence of soluble calcium and 
magnesium salts.*** A distinction is made between carbonate and permanent 
hardness in accordance with the nature of the salts present. 


* If methyl orange is used as indicator instead of phenolphthalein. not only the 
NaOH but also the BaCOj reacts with the HCl, because in presence of methyl orange 
tlic end point is in the acid range. 

•* See p. 191. 

In some cases hardness is also caused by the presence of iron salts. 





§ 74. Determination of the Hardness of fi aier 
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Carbona,e har,„essjs “ue to Pje.enc.^of ca^u. -‘I 

bicarbonates, Ca(HC 0 :i )2 and Mrj ^ of ,hc neutral salts and 

salts is boiled, they decompose with precipitation oi 

the hardness is removed; for example. 

Ca(HCO,), = 1 CaCO^ + H.O CO, 

Accordingly, carbonate hardness .also as tem^mry;^ 

The precipitate formed when water is bo.kd I 

formation in boilers, presence in the water of other soluble 

h;=m:^Tlhr;^:^i::<^a:^carhona.e hardness is the tnmi 
hardness of water. ^vnressed in special units known as 

In the past, hardness was generally expressed ^ ^ 

“degrees of hardness . the hardness is e.'^pressed in terms of 

standard (GOST 6055-51) where y soluhle calcium and 

the number of miUigram-cqmyaletus (sec p. ivoj 

magnesium salts per lure of y^atcr permanent hardness of 

Acidimetric determinations of ca rbonate P 

water are considered separately ^ ^ of water hardness. 

In addition to acidimetric n^^^thod o cieKrn 
the complexometric method is now widely used, 

in § 116. 

DeU-rminaOon of Carbonate Hardness 

■ titroed with hydrochloric acid m presence 

A known volume °f following reactions take place: 
or methyl orange, when th fo. or ^ , 

Ca(HCO,),+2HCl= CaCI,d -n, ^ 

Mg(HC03), + 2HCl = MeCh 1 2H,0 + 2CO, 

t ino *>00 ml of the water with a 50 or 100 ml ^- 
Procedurc. Pipette out 10 - and titrate with standard HCl 

pelte, add 2-3 drops of times and take the average of 

solution. Repeat the titration two or three 

the concordant results. 200 ml of water took, on the aver- 

age.““ or^r023‘N^ This corresponds io ,0 Ux5 = 

.. 1 “i,.mr>orarv‘' hardness arc not quite synonymous. 

•The terms “carbonate is boiled depends not only on dccom^^^ 

because the decrease of decrease of CaSO, solubility wiili 

tion of CatHCO,)- and MgfHCO,)- out . . . . . , 

rise of lempcraiurc. . rtumbcr of milligrams of CaO cguivalcni to the total 

•• The *cc of hardness was .he "urnlx^r of 

amount of calcium and magnesi 
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= 50-65 ml per litre of water. One litre of the HCl solution contains 
0- 1023 gram-equivalent of HCl, and 1 ml contains 0- 1023 milligram-equivalent. 
Therefore, 0- 1023x50-65 milligram-equivalents of HCl are required for 
titration of the Ca(HC03)2 and MgfHCOa)^ present in 1 litre of the water. 
This is therefore the total number of milligram-equivalents of these salts 
per litre of water. 

The carbonate hardness of the water is therefore 

a: = 0- 1023 X 50-65 = 5 181 mg-eq/litre 

Determination of Permanent Hardness 

This determination is based on precipitation of calcium and magnesium 
salts in the form of carbonates by the action of excess standard Na^COs 
solution. After separation of the precipitate the residual unchanged Na2C03 
is titrated with HCl solution in presence of methyl orange and the volume 
of NajCOj solution taken for precipitation of the calcium and magnesium 
salts is found by difference (the back-titration method; see p. 263). The 
hardness is easily calculated from the result. 

After addition of NajCOj the solution is evaporated to dryness, when 
the acid salts CaCHCOa)., and MgfHCOa)^ decompose completely to form 
insoluble carbonates. Therefore, this method gives not the total but only 
the permanent hardness of water.* 

Procedure. Pipette out 100 ml of the water into a porcelain basin and add 
from a burette an exactly measured volume (10-25 ml) of approximately 
01 N NaXOj solution. Evaporate the mixture to dryness on a water bath. 
Treat the dry residue with 15-20 ml of distilled water free from carbon 
dioxide** to extract residual (excess) Na2C03. 

Filter off the undissolved residue consisting of calcium and magnesium 
carbonate and wash the residue (and the basin) three or four times with 
the same water; collect the filtrate and washings in a conical flask for ti- 
tration. 

At the end of the washing add 1-2 drops of methyl orange to the solu- 
tion and titrate it with hydrochloric acid. 

Now determine the relationship between the equivalent volumes of Na^COj 
and HCl solutions. The simplest way to do this is to measure out with a bu- 
rette into a flask the same volume of Na2C03 solution as was used for the 


* If the water is first titrated with hydrochloric acid, so that bicarbonates are converted 
into chiciridcs, it is possible to determine total hardness by a method similar to that de- 
scribed here. Usually the total hardness is found as the sum of the carbonate and perma- 
nent hardness. 

•• Water containing CO, dissolves carbonates; for example: 

CaCOj -f HjO + CO. = CafHCOa), 

See the footnote to p. 277 concerning the preparation of water free from CO.. 
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determination, and to titrate it (in duplicate or triplicate) with the HCl 

solution in presence of 1-2 drops of methyl orange. , r- 

Calculation. Suppose that 20 00 ml of NaXOj solution was taken for the 
determination, and that the back-titration of the residual sodium carbonate 
after the reaction with calcium and magnesium salts took 16-48 ml ot 
0-1023 N HCl solution. Further, titration of 20-00 ml of the NaXOa so- 
lution took 19-16 ml of the standard HCl. It follows from these figures that 
the amount of calcium and magnesium salts, causing 
in 100 ml of the water is equivalent to 1916-16^8 - .,-68 ml of 0 1023 N 
HCl solution. This corresponds to 26-8 ml of HCl solution per litre of 
water; hence, reasoning as before, we find the permanent hardness: 

X = 0 1023x26-8 = 2-7416 mg-eq/litre 

§ 75. Preparation of Standard NaOH Solution 

So that we can determine the contents of various ^ 7 
prepare another standard solution essential for Uie neu ra i 
namely, a standard alkali solution such as NaOH. .Hmix 

Preparation of NaOH Solution. Caustic soda always ^ 

ture of NaXO, owing to absorption of CO., from the air. We know (§ 68) 

that °his isf viry harmful impurity, because in its P^«™«;henol'uh,h lein 
same acid solution in presence of methyl orange and of phenolphthalein 

"'tLIoS carbonate must be removed*; 'he '-'“V '» 

do this is to precipitate carbonate by addition of BaCI, solution. 

Na^iCOa + BaCl. = I BaCOj + 2NaCI 

To prepare the solution, put pieces of NaOH in a beaker and wash them 
2-3 times with small portions of distilled water, pouring off the water each 
time and replacing it by a fresh portion. Most of the sodium carbonate 
on the surface of the NaOH dissolves. Now weigh out the required a*i^ount 
of NaOH as quickly as possible on a technical balance, transferring the 
washed pieces^ith forceps specially used for 

counterpoised watch glass or beaker (not a . P 

of a litre of 01 N solution 4 g NaOH should be weighed oul_ However. 

the NaOH contains water and Na-.CO^. so that rather more, about 4-5 g. 

'^AUhe^end^of the weighing dissolve the NaOH in a litre of distilled water 
from a measuring cylinder. 


• However if it is oroposed to use the solution exclusively for titrations in presence 
of me7hTori;i (i.e . if W^k acid, arc no, .0 be determined,. NaXO, does no harm 
Md ne^ not be removed. 
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To the solution add a few ml of 2 N BaCl 2 solution, allow the precipitate 
to settle thoroughly, check for complete precipitation,* and decant the clear 
liquid carefully by means of a siphon tube into another vessel. 

Rather than adding BaClz by guess, it is better to determine the Na 2 C 03 
content of the prepared alkali solution (§ 73). Having found the normality 

of the NaaCOj present, we 
can easily calculate the volume 
of 2 N BaClg solution needed 
for the precipitation. Thus, if 
the normality of the NaoCOg 
solution was found to be O’Ol, 
we can write: 

2x;c = 1.000 x 0-01 

and hence x = 5 ml. As ex- 
plained earlier, 1-5 times the 
calculated amount of precipi- 
tant should be taken to ensure 
more complete precipitation. 

The NaOH solution so 
prepared must be protected 
against absorption of COo 
from the air. A special appa- 
ratus for titration, which can 
be easily assembled by the 
student himself, is shown in 
Fig. 55. 

The necks of the bottle 1 
and the burette 2 are 
plugged with bungs in which 
special absorption tubes with 
soda lime are inserted (§ 44). 
Soda lime absorbs CO^ and 
prevents it from entering the 
NaOH solution. 

When the tubes 3 are filled, 
the upper end of the narrow 
bottom tube is plugged with a piece of cotton wool, and the tube is 
then packed with pieces of soda lime (or Ascarite) the size of a pea. The 
soda lime is covered with a layer of cotton wool and a bung fitted with a 
narrow tube is inserted in the neck of the absorption tube. 



Fig. 55. Apparatus for titration with caustic 

alkalies: 

I — bottle; 2 — burette; 3 ^ absorption tube: ^ — clip; 

5 ^ glass tube 


* Add solution to 1-2 ml of the clear solution. If a precipitate (turbidity) 

of BaSO, is formed, this shows that there is an excess of Ba"^"*" in the solution, which 
means that the CO 3 — ions have been completely precipitated. 



S 75. Preparation of Standard NaOH Sol ution 


•2s:} 


Tn fill the burette the clip 4 is opened and air is sucked by the mouth 

for titration with alkali solutions, generally used .n laboratories, 

'"s^andaVdisation. The NaOH solution can be standardised either ap';'";-' 
a standard HCl solution or against a solution ol a primary stan ar 

of NaOH Solano, . ''' f m"hO 

rge":'anV?hrr.rrZrhrus^uP with Jiindard HCl solm 

solution influence the result. c.^rrinio) Aciil Proceeding as in the 

Standardisation Against lake a ">50 ml (or 200 ml) measur- 

standardisation of borax solution 4 . -), ^ ^ ^ of exactly known 

ing flask and prepare an “PP™'' Calculate the weicht to be taken 
titre of one of the above-named <=“[‘^7";Vids corr'esponds strictly 

on the (oxalic acid), or H,C,H,0, (succinic acid), 

to their formulas. H.,CA 2H|U ( , relatively weak acids, 

and that Since this indicator 

and must be titrated in presence o p i 

is highly sensitive to carbonic acid, water tree irom . 

preparation of the acid solutions^ thoroughly. Calculate the litre and 
Having prepared the solution, mix 

normality of the solution. • P5.00 ml) into a flask, add 8-10 

Now measure J’.^tc With the NaOH solution. The pink 

drops °f P'’<t'’°'Ph‘'’alein, and disappears quickly 

colour which 3PP'=“''" ‘“*7 V ,,„s been neutralised a more stable pink 

on stirring. When all owina to absorption of CO, 

colour appears, but this also fades cvcniudny 

from the air by the solution persists 

The end of the titration stirredWfter addition of the last drop of 

for about 30 seconds in the solution stirrea au 

u^.AA hi* anoroximate, to the nearest 1 ml. 
As usual, the °i"hv ihrec'^precfse titrations. Take the average 

rThJl\^o°:rdrm^h:'rowX^^^^^ -Hc oxahe (or succinic) 

“ Tlrirsta^dardisation method is free from the defect inherent in the first 
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method: errors of the individual determinations are not additive. In this 
sense it is more reliable. With careful work the two methods should, nev- 
ertheless, give very close results. Any considerable deviations indicate an 
error of some sort. 


§ 76. Determinations of Acids 

If a standard alkali solution is available, we can determine the contents 
of various acids in solutions. If the acid is strong, it is titrated in presence 
of methyl orange as described for the standardisation of NaOH against 
HCI: the alkali solution is titrated with the acid solution until addition of 
one drop changes the colour of the indicator to pink. If the NaOH solution 
is free from NaXOg (§ 75) it can be equally well titrated in presence of 
phcnolphthalein, but here alkali must be added to the acid. 

In determinations of weak acids it is imperative to use phenolphthalein 
and not methyl orange (§ 63). The procedure is then the sameasin standard- 
isation of NaOH against o.xalic acid; the acid is titrated with the alkali 
until a pale pink colour is obtained which persists for 30 seconds. 

Such acids as H3PO4 can be titrated with caustic alkali either in presence 
of methyl orange as far as NaH.,P04 or in presence of phenolphthalein (or, 
better, thymolphlhalein), as far as Na-,HPO,,. In the first case the equivalent 

M 

of H;,PO., is equal to Af, and in the second, to y (§ 68). 

For determination of the percentage content of a concentrated acid, a 
sample is weighed out exactly on an analytical balance* to give an approxi- 
mately 0 1 N solution when dissolved in a 250 ml measuring flask. Concen- 
trated acids .should he weighed out in stoppered weighing bottles: great care 
must he taken. The weighed sample is poured through a funnel intoa measur- 
ing flask containing 50-100 ml of water; the weighing bottle and funnel 
are then rinsed out several times with water, the solution is made up to 
the mark and stirred thoroughly, and aliquot portions are titrated with alkali 
(or vice versa). 

The normality of the diluted acid solution and the amount of acid pres- 
ent in the measuring flask are calculated from the titration results. The 
result is expressed as a percentage of the sample taken. 

§ 77. Determination of Ammonia in Ammonium Salts 

The neutralisation method can be used for determining ammonia in 
ammonium salts (§69). However, ammonium salts cannot be titrated directly 
with alkalies because of the absence of a break on the titration curve 
(p. 26.1): indirect titration methods must therefore be used. These are the 
back-titration and the substitution methods. Let us consider them individually. 

• The required weight is calculated from the specific gravity of the acid, the reasoning 
being the same as in preparation of HCI solution. See also § 57, Example 4 (p. 203). 
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The Back-Titration Method 

This determination can be performed in various ways ; the one considered 

here is the simplest although not most accurate^^ described, in which 
Procedure. In contrast to the determ . ^^d here, 

pipetting was used the balance into a titration 

fTat anTafs^e^t^n^O-er^ «crsrc^ — NaoH 

»irnVexrp1e:t00^^r-^ heat the iipn.i unti, the ammonia 
formed in the reaction 

NH^Cl 4- NaOH = NaCl + H .O -4 NH3 1 

has been completely Tolulion'^no^longer turns black 

of filter paper moistened with Hg/N 

in the vapour from the . he excess alkali with standard 

At this stage cool the solution and titrate me 

HCl solution in presence f °'f|o9964 N NaOH solution was 

Calculation. Suppose that 40W ^ ^ 

taken, and titration of -u solution equivalent to the amount 

we calculate the volume (K) of NaOH solution eq 

of HCl used in the titration. 

From the equation 


Kx009964 = 14-60x0 1023 


we have 


K = 


14-6 0x0 1023 _ J4.96 
0-09964 


„ foilows that of the 4000 ‘^rrH^roVoO^M-N^N^OH 

0 0996 4 x 25 04 NaOH 

T.OOO ® 

Since the substances reaet i:?,^huiva>em anroumMhis wasalso^the amount 
rosfro;\t:ormol^u”fol^^^^ <0 formation of one NH, molecule; 

• r t, afw.r k due to the reaction of HgjfNOa). with NHs. 

• The blackening of the paper is due to in 


2Hg,(NO,)j 


+4NH.+H,0 - [o<”;>NH=] N0..2Ha + 3NH.N0. 
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hence the gram-equivalent of NH 3 is M = 17'03 g. Therefore, the amount 
of NH 3 in the sample is 



0-09964 X 25-04 X 17-03 

1,000 


= 0-04248 



This amount of ammonia is now expressed as a percentage of the sample 
taken. 

The precision of this method is relatively low, because NaOH reacts with 
glass when heated in glass vessels, so that a certain amount of alkali (not 
taken into account) is lost. 

A more precise method is by distillation of the ammonia liberated in 
the reaction with alkali into a measured volume of standard HCl solution, 
which reacts with the NH 3 : 


HCH-NH3 = NH4CI 


The residual acid is then titrated with alkali in presence of methyl orange,* 
and the volume of HCl used in the reaction with NH 3 is found by difference 
as in the preceding method. The amount of NH 3 in the sample can then 
be calculated. 

This method is used for determining nitrogen content in substance of 
plant and animal origin, and in organic substances in general. A weighed 
sample of the material is heated in concentrated H 3 SO 4 (sp. gr. 1-84) in 
presence of a catalyst (e. g., mercury). The organic substance is oxidised 
to CO 3 and H 3 O and all its nitrogen is converted into (NH 4 ) 2 SO.,. Excess 
concentrated alkali solution is added, the ammonia formed is distilled off, 
and determined in the usual way. 


The Substitution Method 

In the substitution method a substance (such as NH , Cl) which cannot be 
directly titrated with a particular standard solution (NaOH) is replaced by 
an equivalent quantity of another substance (HCl) which can be so 
titrated. In the present instance this substitution is effected by addition 
of a solution of formaldehyde CH^O (formalin) to the NH,Cl solution, when 
the following reaction takes place: 

4NH,C1 6CH,0 = (CH.)^ -}- 4HC1 -f- 6H-,0 

The compound (CH 3 ),-N., formed in the reaction is known as urotropine 
(hexamethylenetetramine). The amount of HCl produced in the reaction 
is equivalent to the amount of NH, Cl taken; therefore, after the HCl has been 
titrated w-ith NaOH solution it is easy to calculate the amount of NH 4 CI 


• Phcnolphihalein cannot be used, because the solution contains NHtCl which gives 
it an acid reaction at the equivalence point (§ 65). 
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and therefore of NH 3 in the sample. The method is fairly accurate and very 
“procidme Weigh out accurately about 015 g NH.CI. dissolve it in 

which persists for 30 seconds. , . ^ 

Calculation. The calculation ,s qu.te for t^e reaction 

method: the number of f of NaOH solution taken. 

:qui™lem^7NLr(17“3T)'an^^^ rJ^hls expressed as a percentage of 
the sample. 


QUESTIONS AND PROBLEMS 
(on §§ 71-77) 

1. What volume of HNO, of sp. et. 1-4 should be taken to prepare 5 litres of 0 1 N 
solution? 

About 34 ml. solution be made from it? 

2. A 4 N solution of H^SO, is available. Hovs can a 

. f « u <50 solution be calculated from the exact weignt 

3. Why cannot the titrc of an HjbO, soiunuu ia. 

of a sample of concentrated acid? 0 1 N 

4. Calculate the weight of NaXOj available and if 

HjSO, solution if a 200 ml rncasuring f ask and a 3o p t 

methyl orange is to be used in the titration. 

Answer: About 0-53 g. . r u co solution if 24 00 ml of it is required 

5. Calculate the normality ‘*^'’^^^,.^"^*d^solving 0 5000 g Na.COj in a 200 ntl 
for titration of 50 00 ml of a solution made by uissoin g 

measuring flask, with methyl orange as 

A/ = 0 09826; T = 0 004819 ^ which 

the^mt'i^ "n- out the titration flask with the solution to 

be titrated? 

r ,^i,i mrOOH) as an impurity, and if it is 

• Formalin usually conUins j the neutralisation, alkali is added 

not neutralised an incorrect result is colour. 

in presence of phcnolphihalcm to “ . ^ j ammonium salts is reversible. To ensure 

•• The reaction between formaldehyde j-^rmed in the rCxTClion should be fully 

that it goes practically to nresence of phenolphlhalein (the titration 

neutralised; this is achieved by titration ^ P in presence of such indicators 

ends in a slightly point is in the acid range and the reaction is not 

as methyl orange or methyl red tne enu p 

complete. 



7 Calculate the weight of succinic acid which shoidd be taken for stan^^d- 

isation of 01 N KOH solution by the pipetting method if a 250 ml measuring flask and 
a 25 ml pipette are to be used. What indicator should be used . 

Answer: About 1*5 g. 

8 Find the normality and titre of a KOH solution if 25-20 ml of it was Uken for titra- 
tion of 0 1495 g of H.C.HA dissolved in a random volume of water. 

Answer: N = 0 1005; T = 0005637 g/ml. 

9. Calculate the percentage of HNO, in concentrated "i|rie acid if after MW g 
of it had been diluted with water in a 1 lure measuring n«k, 25-45 ml of the resultant 
solution was required for titration of 25 00 ml of 0-1040 N NaOH solution. 

Answer: 65-83%. 

10. Calculate the weight of HjPO^ in a given solution if titration of solution in 
presence of phenolphthalein look 25-50 ml of 0-2000 N NaOH. In the calculation, first 
find the number of gram-equivalents of NaOH used. 


Answer: 0-2499 g. 


1 1 Calculate the weight of H.PO, in a given solution if titration of this solution in 
presence of methyl orange took 25-50 ml of 0-2000 N NaOH solution. To solve this 
problem, first find Ts'adll/lbPOi- 
Answer: 0-4998 g. 


12. Find the weights of KOH and KXO3 in a sample of technical caustic potash if 
the following burette readings were obtained when it was dissolved m an * 

ume of water and titrated with 0 09500 N HCl solution: in presence of phenolphthalein, 
22-40 ml; in presence of methyl orange, 25-80 ml. 


Answer: 0 0446 g KjCOj and 0-1013 g KOH. 

1 3. Titration of 25-00 ml of a solution containing a mixture of NajCOg and ^aHCOj 
look 9-46 ml of 0-1200 N H;SO, solution in presence of phenolphthalem. and 24-8t> mi 
in presence of methyl orange. Find the weights of Na-COs and NaHCOj in 250 m 
this solution. 


Answer: 1-203 g NajCOj-, 0-5989 g NaHCOj. 

14. State which of the compounds KOH. K.COj, and KHCO3 are present in a 
solution if(a)cqualvolumes of HCl are required in titrations m presence of Phenolphtna- 
Icin and of methyl orange; (b) twice as much HCl is taken in the methyl orange * ' 

as in the phenolphthalein titration ; (c> the solution is not alkaline to phenolphthalem out 
can be titrated in presence of methyl orange. 


15. Explain the principle of back-tiiralion. 

16. Find the weight of CaCOj in a sample if. after it had been treated wj^lh 50 00 ml 
of 0-2000 N HCl solution, titration of the residual HCl took 10 00 ml of a NaOH solution. 
It is gi\cn that 24 00 ml of this NaOH solution is required for titration of 25-00 ml ot 
the HCl solution. 


Answer: 0-3960 g. 

17. Calculate the carbonate hardness of water sample if 100 ml of it took 5 00 ml 
of 0 09000 N HCl solution. 

Answer: 4-50 mg-cq litre. 

18 Calculate the degree of permanent hardness of a water sample, given that after 
100 ml of it had been treated with 10 00 ml of 0- 1 100 N NajCOj solution and evaporated, 
back-titration of excess Na;.C03 took 6-20 ml of 0-1000 N HCl. 

Answer: 4-80 mg-eq/litrc. 
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19. A sample of meUllic magnesium was mi^of^-!oOO^N N^H ^Fmd'^thc 

tion; back-titration of the residual HCI took 15 00 ml of 0 2000 N Naun 

weight of magnesium metal. 

y^rts^^er * 0*2797 8* 

20. In a magnesium determination Mg Hcf solution. 

The precipiUte was filtered off. washed, and dissolved m 50 00 ml ot 

The following reaction took place: 

MgNH4P04 +2HC1 *= MgCl.-r NH.HjPO, r h 1 

The excess acid was titrated with 0-1010 N ^“9^ the weiehl*of*Ivl^g ’ if titration 
orange; the volume of NaOH taken was 15-5 j"'- F'"'* the we.ght ol Mg 

of 25 00 ml of the HCI solution took 22-50 ml of the alkali. 

Answer: 0-0362 g. .. . i , ...-ac 

21. For determination of NH3 m solution was boiled with concen- 

dissolved in a 250 ml measuring flask; standard H .SO. solution The 

trated NaOH solution and the ammonia was nieuhte the percentage content 

excess sulfuric acid was titrated with N H-SO, solution was taken 

of ammonia in the (NH4);S04 given that 4000 ml of t^oo* ml of 00960 N NaOH 
for absorption of the NH,. while the back-titrauon took 17 00 ml ot u u 

solution. 

Answer: 25-79%. . . _ . co. 

22. The nitrogen in 0-8880 g of an organic was'^t^ boiled with con- 

by the action of concentrated HjS04: in 50 0 ml of 0 1 200 N H.SO, 

centrated alkali to liberate ammonia, which . n.ogROO N NaOH. Calculate 

solution. Titration of the excess H^SO, took 12-00 ml ot ouv»w 

the percentage of nitrogen in the organic substance. 

Answer: 7"61^^« - u* .. i.nnnn o was 

23. For determination of tungsten content, a to tungstic acid 

heated with HCI, and the tungsten present in the stee water, the precipitated 

H,WO*, by boiling with HNO,. The solution was d uted '^ 

HjWO, was filtered off. washed thoroughly, and d ssolvcd m ^tage of tungsten 

solution. Given that TNaOii/w = 0-001020 gml. 

in the steel if back-titration of the excess •*J'..miivalent to 1 02 ml of the NaOH 

18-00 ml of HNO| solution, one millilitre of which is q 

solution. 

Answer: 2*21%. 


Xfi - 6001 . 



CHAPTER VII 


OXIDATION-REDUCTION METHODS (OXIDIMETRY) 

§ 78. Oxidation Potentials and Reaction Direction 

In contrast to neutralisation and precipitation methods, in which the 
titration reaction consists in particular ions forming undissociated mole- 
cules of a weak electrolyte (water, weak acid) or a precipitate, oxidimetry 
involves oxidation-reduction reactions associated with transfer of electrons.* 
In a reaction of this type the oxidising agent gains electrons and is reduced, 
and the reducing agent loses electrons and is oxidised. This exchange of 
electrons leads to changes in the valence of the corresponding atoms 
or ions; the valence of an oxidised atom or ion is increased, and the valence 
of a reduced atom or ion is decreased. For example, conversions of Fe 
into Fe ■ . Cl into Cl,, and Cu into Cu+ + are oxidations, because 

in all three cases the valence of the atom or ion increases (from +2 to -f-3, 
from —I to 0, and from 0 to -F2). 

Oxidising and reducing agents may differ among themselves in strength, 
i.c.. in chemical activity. Strong oxidising agents have a pronounced ten- 
dency to gain electrons. Therefore, they are able to remove electrons from 
many reducing agents, including those which are relatively weak, i.e., which 
yield electrons with difficulty. Conversely, weak oxidising agents have a 
much less pronounced tendency to gain electrons. Therefore, they can only 
oxidise the strongest reducing agents (i.c., those which yield electrons 
readily). 

file strengths of various oxidising and reducing agents are indicated by 
the \ allies of their oxidation potentials. We have already met the concept of 
o\idatii>n potential in the course of qualitative analysis.** It is of even 
greater significance in quantitative analysis. We must therefore consider 
it MU're fully here. 

If an electrode made of a noble metal such as platinum is immersed 
in a solution containing an oxidising or reducing agent, the metal loses 
some electrons to the oxidising agent or gains them from the reducing 

• Moilcrfi concepts of oxidation-reduction processes as processes of electron transfer 
were mirodiiccd by L. V. Pisarzhevsky during 1910-14. 

•• V. N. /Mexeyev, Qualitative Analysis, § 59, Goskhimizdat, 1954; V. N. Alexeyev, 
Course of Qualitative Chemical Semimicroanalysis, § 64, Goskhimizdat, 1958. 
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agent. The electrode thus acquires a positive^or "agalive charge at a d^ 
potential which balances the tendency . hieher is the positive 

Cown as the cWdunon po<e„„W 

of the solution. «vMJc;n<r nr reducina acents are 

It should be noted that absolutely pure oxidisin^. o , their 

never met in practice; they are always 

reduction or oxidation formed from it. and these 

have the etr'a'lways contain (although in extretttely small 

amounts) reducing agents formed ‘ tion-reduciion potentials 

It is therefore more correct to speak of the oxidation r.c ^ ^ ^ 

Mno''-;"'etc./7Mher fiirn'of "xtdation potentials of i.tdividttal 

-^er ps.in.ion ^C^hc.^ 

in which the given element has llK lug oxidised form 

and the reduced form in which the valence is 

of every redox system is an ’ the weaker the reducing 

ing agent. Further, f/ie 5/ro/iger //je ar»r//5mg^^^ is a strong oxidising 

agln,%nd vice -"«^For example when 

agent we mean that its atoms have a . - . . Cl ’ ions should 

be converted into Cl ions. Howev • very weak. 

retain these electrons strong reducing agent, i.e.. it easily 

in just the same way, since Sn i ^ ^ follows that the tendency 

loses electrons and is converted into b ’ iherefore they arc weak 

of Sn + + ^ ions to gain electrons is weak and iher.lorL y 

oxidising agents, etc. oxidation potentials of various 

In experimental determinations o poicniial depends not 

redox systems it must be taken mto sy^lum but 

only on the strengths of the oxidising a concentra- 

absolute value of “osSch^ysfem determining the electromotive 

To^c: (::::"fTUVhr;es'ultant galvanic cell (..e., the difference between the 


u A %Wfxt in rnmoarins the valences of elements or ions the sign 
• U must be faience of chlorine is higher ,n CL(0) than 

must be taken into account. For example. 

in chloride ions, Cl' ( — li- 


ly 
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oxidation potentials of the two systems). Here again, in order to obtain 
comparable results in determinations of standard oxidation potentials, the 
different redox systems must always be combined with the same standard 
system The system used for this purpose is known as the standard hydrogen 
electrode, consisting of the 2 H^/H 2 system where the concentration (or, 
more correctly, the activity)ofH ^ ions is 1 g-ion/litre and the gaseous hydro- 
gen pressure is 1 atm. The standard hydrogen electrode is illustrated on the 
left of Fig. 56. 

The vessel 1 contains H.SOj solution of the required concentration, 
and a platinum electrode coated electrolytically with a layer of finely-di- 
vided platinum (“platinum 
black”) is immersed in it. Chem- 
ically pure hydrogen is passed 
into the solution through the tube 
4\ when the hydrogen comes into 
contact with the platinum elec- 
trode it is absorbed by the 
platinum black. Therefore, the 
electrode behaves as if it was 
made of hydrogen. 

The potential of the standard 
hydrogen electrode is arbitrarily 
taken as zero, just as the temper- 
ature of melting ice is taken as 
zero in the centigrade scale. 

In determination of the stand- 
ard oxidation potential of any 
particular system, such as 
Fe"*" * /Fe ^ it is combined with a standard hydrogen electrode in the 

form of a cell, as shown in Fig. 56. 

The vessel 2 is filled with a mixture of equal volumes of FeCl 3 and FeCl 2 
solutions of the same molar concentration and a platinum electrode is 
immersed in it. The two electrodes are joined by a conductor, and the 
instrument 5 for e.m.f. measurement (potentiometer) is inserted in the 
circuit. The solutions are connected by an inverted U-tube 3 containing 
an electrolyte solution (KCl). Along this tube, known as an “electrolytic 
bridge”, the ions diffuse from one vessel to the other (thus closing the 
internal circuit).* 

The resultant cell acts as follows. Its negative pole (cathode) is the stand- 
ard hydrogen electrode, and the positive pole (anode) is the Fe /Fe 
system. At the cathode H, molecules give electrons to the platinum, i.e.. 



Fig. 56. Apparatus for determination of the 
standard oxidation potential of the system 

Fc-^- ^ VFc ‘ ^ : 

1,2- gUss vessels; J - clcctfolyiic bridge; 4 — lube 
for hydrogen ga$: 5 — poienliomeicr 


• The tube 3 is filled with heated KCl solution containing gelatin or agar; when the 
solution cools it sets to a gel which retains it in the tube but does not prevent migration 
of ions through it. 
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they are oxidised to H"*" ions: 

H 2 — 2^ = 2H " 

The liberated electrons travel through the conductor to the anode, where 
they are taken up by the Fe + + ions, which are thereby reduced to Fe 

2 Fe-^^ + + 2 e = 2 Fe+ + 

Adding these two equations, we have the general equation for the reaction 
taking place in the operation of the cell. 

2 Fe+ + + +H 2 = 2 Fe+++ 2 H-^ 

The electromotive force (e.m.f.) of this cell is found ‘° be OT 7 v Since 
it represents the difference between the standard oxidation potentials 

of the two systems, we can write 

r r? _ r = 0'77 V 

e.m.f. = £0 FC» + +/Fe+ + ^0 2 H+/lli 

However, £o 2 h + /h. 

EqFc* * * iPc* * ~ + 0 77 V 

The plus sign shows that the system in question 
pole when combined with a standard hydrogen e ec 

it should be a negative pole (giving electrons to H - ions and reducing them 
to H, during operation of the cell), its P°<c"‘‘u' ‘%fcgarded as negative 

standard oxidation potential <+ " m el e/ecrroTr 

pg + + + ^pg ++ is a measure of the po^er 0 / Fe S 

from Hj molecules, i. e., to oxidise them toH ions 

If a standard hydrogen electrode is combined with the C4/2C1 
insUadTFe^ ^ -/Fe+ the result is a cell the operation of which can 

be represented as follows: 

H — 2 e = 2H (at the cathode) 

Q\ + 2e = 2 0" (at the anode) 

The standard oxidation potential of the CU2C1 7 system is considerably 

6 % U fohov^ tha? free Cl. has ^a much higher ten>iency than 
Fe+ + + ions to gain electrons (i.e., it has much higher oxidation activ- 
ity) Accordingly, Cl - ions are a weaker reducing agent than Fc 10 ns. 
I t fol^^ hat higher the standard oxidation potent, al of a g, sen system, 
lL“ger the oxidising potrer of its oxUhsed form and the treaker 

th€ F^ducinft DOW€r of its f€duc€d fofffi* 

The sSfrd oxidation potentials of various ^ 

quantitative analysis are given in Appendix VI The first and th rd 

Columns of this table give the formulas of the individual components of the 
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various systems; these components are arranged in increasing order of their 
corresponding standard oxidation potentials Eq (fourth columii). The 
second column gives the number of electrons (/i) gained or lost when the 
reducing agent (first column) is converted into the corresponding oxi- 

dising agent (third column) or vice versa. . 

Since the strengths of oxidising agents increase and the strengths ot 
reducing agents decrease with increasing oxidation potential, the strongest 
oxidising agents are found at the end of the third column, and the strongest 
reducing agents, at the top of the first cclumn of the table of oxidation 
potentials. For example, the strongest of all oxidising agents is tree 
fluorine, with the highest value cf £„ (^-2*85 v). Other very strong oxidising 
accntsinclude permanganate ions Mn 04 in acid solution (£o ~ +1 51 y), 
dichromate ions Cr..O,-“ in acid solution (£„= + 1*36 v); free chlorine 
CU (£„= + 136 v); free bromine (£o = + ^'07 v). Feme ions 

Fe'+ (£o = + 0-77 v), ASO 4 ions (£0 = + 0-57 v), free iodine 

I, (£o=+0-54 v), Sn + + + + ions (£,= +0-15 v) and ions 
(£, = 0 v) are weaker oxidising agents, while Zn 10 ns (£0 
= _-0-76 v), A 1 + + + (£o = — 1*30 v), etc., are very weak oxidising 

agents 

The strongest reducing agents include the alkali and alkaline»earth metals 
and also Mg, Al, Zn, etc. Among the ions, S“” anions 
reducing agents (£„ = — 0 51 v), while the action of S 2 O 3 , Sn , 
SO 3 — , Fe'*''*', etc., is weaker. F“ ions are practically devoid ol 

reducing properties, as there is no oxidising agent which could gam electrons 
from them. It is known that electrons can be removed from F" 10 ns only 

by electrolysis. . 

If any two redox systems are combined, the stronger of the two oxiaistng 

agents gain.t electrons from the stronger reducing agent., with formation of 
weaker reducing and oxidising agents. For example, with the 
C!./2C1~ and Fe'*’ + ■*‘/Fc ^ + the stronger oxidising agent is CU (£ 0 — 
— 1-36 v) and the stronger reducing agent is Fe'*’ ^ (£0 = -t-0'77 v). 
Accordingly, the reaction between these two systems proceeds in the 

direction 


Cl, + 2Fe - + ^ 2C1 - + 2Fe 


+ + + 


i.e., with formation of weaker reducing (Cl ) and oxidising (Fc’^'*’^) 
agents than those initially present. 

The above rule can also be stated as follows: an oxidising agent witn 
a higher potential can oxidise any reducing agent with a lower potential. 
Similarly, a reducing agent of a lower potential can reduce any oxidising 
agent of a higher potential. 

For example, Mn 04 “ ions in acid solution (£ 0 = + 1'51 v) can oxidise 
all the reducing agents above it (in the first column), such as Cl", Br ^ 
Fe+ +, I-, SO 3 — , SoOg — , Sn + +, S“-, etc. Dichromate ions Cr^O, 

(£„ = -b 1-36 v) can also oxidise all these reducing agents, with the excep- 
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sari 

cannot oxidise Mn+'*- ions to MnO^ . ConversLly. Cr 
''wUhThfaid rfthhruleind The 'table of standard ox.dation po.entials 

of the systems on the oxidation potential, as othau.sc 
conclusions may be drawn. 

§ 79, Influence of Concentrations and the Reaction of the Medium 

The relationship between the P° ^ 

system and the concentrations of the o\tdiS£d I -1 
forms is represented by the Nemst equati , 
thermodynamics: 

^ (Rcdi 

Here is the standard oxidation potential** of the giNtn SNStcni. 

R is the gas constant (8'313 joules), 

T is the absolute temperature; . s. 

F is the Faraday constant (96,500 coulombs), 
n is the number of electrons (lost or gained). 

If we substitute the nuuterical values “f ‘^e co— and^^^ natur- 
al to common logarithms, we have for r 

^ , 0 058. „ [Ox.) 

£ = £0 + log 


(Rcd-l 


Thus, for the system Fe+ + +/Fc 


+ + 


0 058 , „ IFe ^ ^ M 

£re+^ + /Fe++ =0*'^^ 


1 


For example, if [Fe-t + 1 = 1 g-ion/litre and [Fc 

/litre, then i 


[Fc ^ ^ 1 

+ -^ 1 = 0 0001 g-ion/ 


£”?'€+•* +/Fe+ + 


= 0-77 + 0 058 log = I 002 V 


. u .K» u * and Cl" ion concentrations in solution 

“ri=T.;f .Km *„ .he concentrations of 
the oxidised and reduced forms arc equal. In that case In j 0 and £■ E^. 



296 


Chapter VII. Oxidation^Reduction Methods 


If the Equation for the reaction taking place in the conversion of the 
oxidised into the reduced form contains stoichiometric coefficients different 
from unity, they enter the Nemst equation as indices of the respective 
concentrations. For example, for the system Br2/2Br“ we can write: 

£^Brs/ 2 Br- = 1 07 H ^ log -jgprp 

With systems such as Zn"*" ‘‘‘/Zn, where one of the components (Zn) is 
practically insoluble in water, its concentration is constant and therefore 
does not enter into the expression for E. Therefore, for this system 

+ = £■„ + -5:^ log [Zn + + ) 


Evidently, Eq( — 0*78 v) is the potential of the Zn + ^/Zn system when 
[Zn ■•■ + ] = 1 g-ion/litre, as it is only then that log [Zn ■'■■'■] = 0 and 

E = Eo. 

In the case of oxy-acid anions conversion of the oxidised into the reduced 
form is very often accompanied by extensive changes in their composition 
and involves H ions. For example, in oxidation reactions with per- 
manganate and dichromate in acid solutions, Mn 04 ~ and Cr^Oy 
anions are reduced in accordance with the equations: 


Mn 04 '+ 8 H + +5e = Mn++ + 4 H 2 O 

Cr.O, - - + 14H + H- 6e = 2Cr + + + + 7H20 
etc. 

It is evident that £ also depends on the H ion concentration in solution. 
This concentration enters the numerator of the fraction following the 
logarithm sign, raised to the power equal to the corresponding stoichio- 
metric coefficient, for example*: 


r. c- r 0058, {MnOr|lH+)* 

/Mn + + = H ^ log - " ^ ‘ ' 


r . r , , 0 058 , 

— /2(r+ + - =£ 0 + — ^lOg 


[Mn-^ *1 
[Cr,0,--] [H*y* 


etc. 


ICr 


+ + +11 


These equations show that in these cases the ion concentration has 
a particularly strong influence on the oxidation potential of the solution 
and therefore on its oxidising activity. 

If the concentrations of individual components of a particular redox 
system arc varied, the oxidation potential is also altered. It may happen 
that as the result of such a change a system with a higher standard oxi- 
dation potential acquires a lower potential than the other system involved. 


• Evidently, the definition of the standard potential in such cases requires not only 
that the concentrations of the oxidised and reduced forms in solution shall be equal, 
but also that the H ' ion concentration must be unity. Only then is the fraction following 
tlie logarithm sign equal to unity and E = 
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Therefore the course of the reaction between such systems becomes 
th ^reverse of that indicated by their position in the table of standard ox.d- 

"‘xhisCTbe iilustrated by the following '^J^nThe^re^cbrn' 

copper is determined by an iodometnc method based on the 

2Cu + + + 41 “ = 1 2CuI 4 - li 
This reaction involves the 

I /2I- (E = +0-54 v). The values of the standard potentials suggest in 
iL reaction should proceed in the reverse direction: 

2CuI + I2 2Cu + +41- 

The reason for this discrepancy be‘we“ the expectation 

values of the standard oxidation potentials ^ js very 

is the low solubility of Cul, so that ^ Cu+ +/Cu^ system is 

much lowered and the oxidation potential ol the uu y 

therefore changed considerably. .nlntion to be 10'^ g-ion/Iitre, 

If we take thel“ ion concentration in 

and take into account that the solubility p 
calculation gives: 

icu 1— JJ-J j0-> 

Substituting this value of [Cu * 1 into the equation for £cu. * ,tu. we 
have y./vro [Cu*"'] 


0-058 , 

■^cu-*- +/cu-‘ = O' 17-1 j og 


= 0 17 + 0058 log (Cu+ + l-0 05g(-ll) 

and finally 

£cu . . /cu * = 0-808 + 0-058 log (Cu + 1 

Since 0-808 v is greater than the ““ 

system l2/2I-( + 0'54 v). the direction of the reac 

2Cu + -f- 41“ ->■ ^ 2CuI + I2 

and not as expected from the standard oxidation potentials of the systems 
involved. , j nfa reaction may be changed 

Such cases are quite common; the direc narticular ion resulting 

not only by the decrease in the bm also by the 

from the formation of a sparingly soluble compound, but oy 

binding of ions in stable complexes. :„fi„^nred verv strongly 

It is known that the oxidation solution 

by the H- ion concentration in process. 

pH may sometimes alter the direction of an oxidation reo f 
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For example, the standard oxidation potentials of the systems ASO4 / 

/AsOj (+0*57 v) and 12/21“ (+0*54 v) indicate that the following 

reaction should take place between them: 

AsO., 4-2I-+2H+^ AsOa + I 2 + H.O (I) 

This is the reaction which occurs in practice if the concentrations of 
all the ions involved in the reaction are the concentrations used in deter- 
mination of the standard oxidation potentials of the respective systems. 
Suppose, however, that the reaction takes place in presence of excess NaHCOj, 
which maintains the solution pH at about 8. The consequent decrease of 
the H ion concentration to 10 g-ion/Iitre has no effect on the potential 
of the 10/21“ system. However, in the case of the system ASO4 / 
/AsOa , where conversion of the oxidised into the reduced form 
involves ions, as is clear from the equation 

AsO^ +2H + +2e ASO3 +H.>0 


the oxidation potential falls to: 

r A c-i I 0 058 , [AsO, 

^AsO, /AflO, = 0'57 -{- — = — log — 




« CT 0 058X16 . 0 058, 

= 0-57 = F —.— log 


(ASO3 - - -] 

[AsO,---l 

[AsO,‘--j 


c A lA/: 1 0 058, [AsO, 1 

£^A60* ;aso, = 0- 106 + log _ _ - -j 


Since 0-106 v is lower than the standard oxidation potential of the 

L/2I“ system, under these conditions AsO, ions no longer oxidise 

I~ ions to T. but elemental iodine oxidises AsOj to AsO, : 

ASO3 -i- L. + H2O AsO , + 2H + 4- 21 “ (2) 


Thus, the removal of H ^ ions by addition of NaHCOj 

H f + HCO3 - = H2C03 = H2O + CO, t 


favours reaction (2), which yields these ions. Conversely, increase of H"^ 
ion concentration, which raises the oxidation potential of the system 
AsO, /AsOj" , favours reaction (1). 

This result can be slated in general form: if ions are expended in a 
reaction, it should be conducted in acid solution. Conversely, if they are pro- 
duced in a reaction, they should be removed by addition of alkali* or of sub- 
stances such as NaHCO^. Since the concentrations of H'*' and OH “ ions 
are interdependent : 

[H + ]lOH-] = A^„,o 

* In the example under consideration addition of alkali is inadmissible, as a side 
reaction takes place in strongly alkaline solution; 

I, + 2NaOH = NalO + Nal + H,0 


§ 79. Influence of Concentrations and Reaction of the Medium 


299 


removal of OH " ions is equivalent to form^ion of H ions, and formation 
of OH - ions is equivalent to removal of H ions. 

aarn-r= ^n^ — r 

to the mixture, a violent reaction begins at once, accompam i 
of a (NO) and formation of a dark grey precipita.e (K). 

2 NO 2 - + 2 I-+ 4 H+ = 1 l.+2NOt +2HP 
Although ions were present 

added acid, their concentration (- 0 8 '“"'I ,hal of K/21 

enough to raise the oxidation potential of of acid. Calcula- 

Therefore, the reaction could not occur Numer- 

tion with the use of the Nernst equation , • ^ definite hydroeen ion 

ous examples could be given of reactions in a del mite nyo . 

concentration is required before between the standard oxi- 

It iseasytosee that the smaller ^hf djfference 

dation potentials of the respective . ^oimion pH needed to change 

cenlralion of one of the reacting tons or 

the direction of the reaction. For examp e, i 

Pb + Sn = Pb 4- Sn 

which corresponds to a + J'^Jon^cVncentratlon is lowered 

IghTytarrel'lbvS^^ 

in the reaction 

Cu + ■*■ + Sn = Cu 4- Sn 

I 'c o-dK V the Cu ■*■ ion concen- 
where the difference between ‘ -r miV or more to reverse the 

tration would have to be lowered by a factor of 10 or mo 

reaction. 

In just the same way, the reaction 

AsO,---+2I-4-2H^;rAs03---Fli 

where the difference between ^no^a'lle^'ralion of pH can re- 

by an increase of the solution pH. How . 

verse the reaction . ^ 

CrA--+6Fe^--^4-14H^ =2Cr^ + +-t-6Fe^^ + 4-7 , 

where the difference between the potentials is 0 59 


he reversed is that the solution cannot 

t^ruld be prrcipiulcd as FrlOH,. 
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It follows from the foregoing that reversal of the course of a reaction 
is most likely when there is little difference between the standard oxidation 
potentials of the systems involved. 


§ 80. Equilibrium Constants of Oxidation-Reduction Reactions 

The possibility of altering the course of oxidation-reduction reactions 
in the opposite direction is evidently the consequence of the reversibility 
of these reactions. We know that chemical equilibrium becomes established 
in reversible reactions. The equilibrium constant is easy to calculate if the 
oxidation potentials of both redox systems are known. 

Let us perform this calculation for the reaction: 

Sn + + +2Fe+ + + Sn + + ■*■ + -f 2Fe+ + 


First we write down equations for the oxidation potentials of the systems 
Sn + -^+/Sn-^ •• and Fe+ + +/Fe+ + : 


^Sn-*- + + + /Sn + ♦ 
^Fe+ + +/Fe+ + 


= 0 15 + 


0 058 
2 



[Sn + * + *J 
ISn^^l 


= 0-77 -I- 0 058 log 


[Fe+ + ■*■1 
IFe"*l 


(1) 

( 2 ) 


These equations show that as the reaction proceeds and the Sn 
and Fe ion concentrations increase while the Fe and Sn ion 
concentrations decrease the potential of the first pair, initially lower, 
must gradually increase while the potential of the second pair gradually 
decreases. Eventually the two potentials become equal. 

However, we know that transference of electrons is possible only if there 
is a potential difference, and must cease if the potential difference disappears. 
Therefore, when 


£< 


Sii ♦ ► + + 'Sn + 


= Eyc 


+ ♦- + 


/Fe 


-f + 


equilibrium is established. Substituting the values of Esn* + + */sn + + and 
£| ^ j-p- ^ from Equations (1) and (2) into this equation, we have: 


015 


, 0 058 , (Sn ^ ^1 

2- '^e-(Sn --r 


= 0-77 -f 0 058 log 


[Fc^— ] 
(Fe*-] 


anti hence 


0 log - 0 058 log = 0-77 - 0- 1 5 


(Sn- •] 


[Fc* *1 


The second term in the left-hand side of this last equation can be written 


as: 


0 058 log 


(Fe * -J 1 
[Fe ■ ^ ) 


0-058.,, IFc* + *l 0-058, [Fe * * *]- 

- 2- 2 iFe^i' = -2 - '°8' ,Fe^F 
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The coefficient can be taken outside the brackets: 

0058 /, + =0-77 — 0T5 

[Sn-1 ^ (Fc-lO 


and hence 

fSn ^ ■'‘UPe 1- (0 77 — 0-15) x 2 

log [Sn+ ~~ 0^058 

The expression following the logarithm sign is the equilibrium const 
of the reaction; therefore 


, ^ (0-77 — 01S)x2 

log K — jj.Qjg 



and hence K as 10^^ 


lU AiWUWV ^ IV • j r »l V Crt + "T '* T anJ 

This result shows that at equilibrium the product o k 
F e + + concentrations is lO^^ times the product of the conccntratio 


+ + + 


unconverted Sn'^'*' and Fe • • . . i.uli- 

In other words, the high numerical value of the eqm t rni 

cates that the reaction goes practically to complelton. [Fe + + 1: 

This conclusion can be easily confirmed by calcu a lo .-□uilibrium 

:[Fe+ + + ] and [Sn + + + + ]: [Sn + + ] concentration ratios at cq 

at the equivalence point. The reaction equation 

+ + i!: 2Fe + ++Sn'^^'*’^ 


2Fe + + + + Sn 


shows that at that point the molar [Fe ] and [Fc 

at equrnbrium should be twice the[Sn+ and [Sn - " + M concentraoons. 

[Fe+ + + ] = 2lSn+ + l 


and 

[Fe + + l = 2[Sn-^-^-^M 

Dividing the second equation by the first, we have 

[Fe^+1 ISn^-^ (3) 

lFc^‘ [Sn^^l 

But earlier we found that 

^ " [Fc+*^l*(Sn**l 

Hence, taking Equation (3) into account, we have at the equivalence p 

[Fe+ ^1* IS n^ ^ * *Y ^ 10=1 
[Fe+^M’ lSn^*J* 


IFc + *1 [Sn + ^ ^ ^ = 10’ 

[Fe^ + ^1 “ lSn+-^l 


and 
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This result shows that at the equivalence point at equilibrium there are 
10 million Sn (or Fe+'^) ions to every Sn (or Fe'*' ■*■■*■) ion 
remaining in solution. For example, if OT g-ion of Sn was formed 

at the equivalence point, 10"® g-ion of Sn'*’+ remained in solution. 
Similarly, if 0*2 g-ion of Fe was formed, 2x10"* g-ion of Fe 
remained unchanged. It follows that in this reaction the conversion of the 
initial substances is almost complete at the equivalence point. 

If the above calculation of the equilibrium constant K is put in general 
form, we obtain the following equation for any reversible oxidation-reduc- 
tion process (at 18®C): 

Here E'^ and Eq are the standard oxidation potentials of the systems 
corresponding to the oxidising agent (£o) and reducing agent 
(£o) taken; 

n is the number of electrons. 

Equation (4) shows that the greater the difference between the standard 
oxidation potentials of the two systems, the greater must the equilibrium con- 
slant be. 

If the difference is large, the reaction goes practically to completion. 
Conversely, if the difference between the potentials is small the initial sub- 
stances are not completely converted. To use such a reaction for analytical 
purposes, we must so choose the concentrations of the substances or ions 
involved in it that the reaction is as complete as possible. 

For example, the reaction which is sometimes used for volumetric deter- 
mination of quinquivalent arsenic 

ASO4 + 21 - + 2H+ - ASO3 + H.O + I. 

is conducted in strongly acid solution in presence of a large excess of I" 
ions, because the potential difference corresponding to the reaction (0‘03 v) 
is small and the equilibrium constant is only about 10. 

By the law of mass action, both these factors tend to make the reaction 
proceed more completely in the desired direction. It was already stated 
earlier that this reaction can be reversed by addition of excess NaHCOa, 
which raises the solution pH to about 8. 

Since at this pH the value of £asO* /aso, is only + 0T06 v 

(p. 29S), which is considerably less than the value of fij/ai— (+0 54 v), the 
reaction goes practically to completion under such conditions, so that 
trivaicni arsenic can be determined quantitatively by titration with iodine 
solution. 


The equation 



confirms the rule that oxidation-reduction reactions (at the concentrations 
used for determination of standard potentials) always proceed in the direc- 
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tion of formation of weaker oxidising and reducing agents than the original 

'InheTxid&infl reducing agents taken ’^7J°0™nd 

in the reaction, this means that =- 0. In that ™ 

a: ^ 1. This shows that the product of ‘he concentrations of the subsunc^^^ 

formed by the reaction is greater at equilibrium ‘h^" 

concentrations of the original substances, i.e., e „n,entials is laree 

left to right (-.) and if the difference between the P° 

enough the reaction goes almost to completion. y- » ^vl^ich 

i.e., if the original oxidising and reducing agen.s_are weaker ^han those w 1^_^^ 

should be formed in the reaction, then sreaier 

that the reaction tends to go in the opposite dir ■ . "7/ complete 

the absolute difference between the oxidation potentials the more comp. 

is the reverse reaction. 

§ 81. Oxidation-Reduction Titration Cunes 
In oxidimetric titration the concentrations of 'hc;uh«-c“p°-°al 

involved in the reaction are changing continu j solution pH 

of the solution (£) must ‘hcrefore also ch^e,^j_ust^as_.he 

changes continuously by different points in the 

plotting the oxidation potentials for the ncutrali- 

titration we obtain a titration curve similar to the cufn 

sation method. ^ „w the curve for titration of a ferrous 

As an example, let us calculate and plo ur ^^tjon for the 

iron salt with permanganate in acid solution, ine lom m 

reaction is; ^ , tu 

MuOr+5Fe- + 8H-.Mn-+5Fe--14H.O 

Since the reaction is reversible tlw soluhon mLr 

original ions and the ions -optains two redox systems; 

calculating £; ^ * +i 

(Fc-^ + ^l (1) 


0 058 , 

£ = 077 + - 


E= 1-51 + 


0-058 , (MnO, 


1' 


( 2 ) 


tiar. cime result and either can be used. 
Of course, both equations gi • ferrous iron has 

whichever is the more convenient. So long , Fc^ + ^ and Fe+ concen- 
been converted 1. is very -V -^C“la.e thc^R _ 

trations at any point in au. reversibility of the reaction) 

arfmth mm"tfSr.:Str!Le, Iherefore, Equation (1) is more con- 
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venient to use in this case. Conversely, with excess permanganate it is easy 
to calculate the concentrations of Mn04 ~ and Mn ions in solution and 
much more difficult to calculate the concentration of the remaining Fe"*"*" 
ions. Therefore, in this case Equation (2) should be used for calculation of £. 

Let us calculate the oxidation potential of the solution at the point when 
50 ml of KMn04 solution has been added to 100 ml of FeSO^ solution of the 
same normality. Evidently, at this point only 50% of the Fe'*’ ions con- 
tained in 100 ml of the original solution has been converted into Fe + 
ions. We can therefore write*: 


£ = 0-77 



0058 

1 



V 


The points of special interest on the titration curve are those correspond- 
ing to 01 ml deficiency and 0*1 ml excess of KMn04, as these points deter- 
mine the magnitude of the break of potential at the equivalence point. 
Let us find the first of these points (the start of the abrupt change). At this 
point 99 9 ml of KMnO., solution has been added, or 01 ml less than is 
required by the reaction equation; therefore, O'l ml of Fe'*' remains un- 
oxidised in solution and all the rest of the Fe'*’ ■*■, which was contained in 
999 ml of the original solution, has been titrated (i.e., converted into Fe'*' ■*■ ■*■). 
Therefore, at this point 

£ = 0*77-!- — j — log = 0-944 v 


We now find £ at the end of the break, i.e., when 100-1 ml of permanga- 
nate solution has been added; of this volume, 100 ml was consumed in the 
reaction with Fe ■*■ •*■ ions, so that the MnOj ~ in it was reduced to Mn ■*■ 
The amount of permanganate contained in the added excess (O-I ml) 
of solution remains in the form of Mn04^ ions. Therefore, the ratio 
[Mn04 * ]: [Mn + ) at this point is 01: 100, and 



, ,, , 0 058 , 
1-51 -I- -j— log 


01x[H*l» 

100 


Assuming that the H ■*■ ion concentration in the solution is I g-ion/litre, 
we have: 


£= 1-51 +^-logI0“3= 1-475 V 


Finally, we calculate £ at the equivalence point. 

To do this, we multiply Equation (2) by 5 in order to make the coeffi- 
cients of the logarithmic terms in Equations (1) and (2) equal. The two equa- 


• Since the Nernst equation contains the ratio of the concentrations. (Fe'*"’"*']: 
;[Fe ^ ■^J, it can be replaced by the equal ratio of the volumes of the titrated and untitrat^ 
parts of the solution (in the present example the original solution volume is 100 ml, 
and the ratio is 50:50). 
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tions are then added term by term . 


IFe* 


E = 0*77 'i- 0 058 log 

. [MnO,*) 

5 £= 5x 1-51 +0 058 log +)“ 

_ 0-77 5x 1-51 + 0 058 log — - -j 


( 3 ) 


At the equivalence point the amount of MnO, ions added corresponds 
to the reaction equation + .au n 

5Fe-- + MnO,- + 8H-7.5Fe---+Mn -+4H,0 

c# ions for CQch Mn 04 

and therefore at at the equivalence point the molar 

ion remaining in of MnO,- 

concentration of Fe ions i 

ions, i.e., jpe + + ] = 5 [MnO, “ ] 

Similarly we find that at the equ, valence point 

(Pe^-v + ] = 5lMn-’'l 

Dividing the second of these cquat.ons by 


[Fe ^ ^ M 


fMn- -1 , IF'-*' ' -HMnOCl = 1 


■fFe-M 

And since log 1 = 0, from Equation 0 ) we ha^e. 

6£ = 0-77>5. I -51 


and 


_ 021 ± 5 _ >' 5 > ^ 1-387 


— V 

. ..iv the systems corresponding to the 

In general, if the standard po ential and their sioichio- 

oxidising and reducing agents a ^ -j tjon potential of the solution at the 
metric coefficients are fl and b. the oxiaa 

equivalence point is**: bEl r oE", (4) 

E Q b 

, .ken to tK 1 M. In both equations £ represents the 

• The H + ion concentration . .h^reforc has the same value, 

oxidation potential of the given solution d h titration 

•• If wc represent the reaction takiJS P ^-oncentrations ratio at the cquivaknve 

equation aOx.,+bfLcd.^^ aRcd., -t- 

point becomes: , i •’/ 

[Red.J ^ = ^ K 

'lOx.,r IRcd.jl 

where t. is .he equi.ibriun, eorrsranr of .he reac.ion (p. 3. 2). 

20 - eoui. 
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The calculation of the titration curve is given in Table 17, and the curve 
itself is plotted in Fig. 57. 

Table 17 


Variations of the Oxidation Potential During Titration of 100 ml of 
FeSO^ Solution with Pennai^anate Solntion of the Same Nonnality 

(at IH+I= 1) 


KMnOi 

Excess, ml 

lFe***l 

(Fe^’l 

[ MnO , - ] 

IMn ♦ ♦ J 

CaJcula lions 

Oxi- 

dation 

added, | 
ml 

FcSOi 

KM0O4 

poten- 
tial £,v 

50 

50 


50:50 = 1 


£=0-77-|-0-058 logl 

0-770 

91 

9 


91:9 10 


£= 0-77+0058 logic 

0-828 

99 

1 

1 

99:1 ac 100 


£ = 0-77+0058 log 100 

0-886 

99.9 

01 


99-9 :01 a: 
1,000 

1 

1 

£= 0-77+0058 log 1,000 

1 

^ 0-77 + 5x1-51 

0-944 

100 

1 

(wjuiv. 

pt.) 

100 1 

— 

0 1 

1 

01:100= ' 
= 0 001 

1 

^ 5 + 1 

£- 1-51 + log 0-001 

0058 

1-387* 

1-475 

1010 


1-0 


1:100 = 001 

£= 1-51 + log 0 01 

1-487 

1100 


10 


10:100 = 01 

£= 1-51 +^^ log 01 

1-498 

200 0 


i 100 


100:100 = 1 

£=1-51 +®:^logl 

1-510 


* These figures show that the equivalence point is not in the middle of the break, as was the casein 
titration curves by the neuiralbaiion method. 


Figure 57 shows that oxidimetric titration curves are of the same general 
form as acid-base titration curves. Here again there is an abrupt change 
of potential near the equivalence point, but the curve is very flat in the 
remaining regions, which means that E changes very slowly during the 
titration. The break on the titration curve can be used for precise determi- 
nation of the equivalence point with the aid of special indicators (fuller 
details are given in § 82). 

The magnitude of the potential change evidently depends on the differ- 
ence between the standard oxidation potentials of the two systems: the 
greater the difference, the greater the change of potential. 

At the same time, oxidimetric titration curves are usually independent 
of dilution, because the Nernst equation contains the ratio of the concen- 
trations of theo.xidised and reduced forms, which does not alter with dilu- 
tion. 
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It must be pointed out. however, that all this is true only if the stoichiometnc c^fiV 
cienu of the oxidised and reduced forms in each system are equal. Otherwise the ion 
concentrations in the numerator and denominator o'" ‘^sarilhrnic ^ raised 

to different oowers Therefore, both this fraction and the oxidation potential £ of the 
solution wouW alter with dilution. As the numerator and the denominator of the fraction 
are raised to different powers, changes of concentration as the solution is di uted influence 
tl^^v^i^ue of thrpotemial. For example, in chromatometnc determination of ferrous 

iron the reaction can be represented by the 
following equation: 

-rl4H' = 


- f 


7H,0 


Cr.O,--+6Fe' 

= 2Cr^^ ‘ -f6Fe 

The oxidation potential of the CrA / 
/2Cr‘^ + '^ system is given by the expression 

0 058 . lCr,0,^liHJ^r 

[Ct^ ^ ^ 1* 


£ = £„ + 


log 



57. Curse for titration of FeSO* 
solution with permanganate 
(at [H ’ 1 = I) 


If the solution is diluted •<> 
original volume the ratio (Cr^O, J. 

;[Cr^ +'r j:r js doubled. Moreover, the poten- 
lial is also strongly influenced by the decrease 
of H'* ion concentration. This last factor 
must be taken into account m al cases 
where H ^ ions are involved m the titration 

reaction. In such cases the * 

independent of conceniration only u I J 
maintained practically constant. 

The fad that the titration curve is 
independent of dilution is an advantage 
of the oxidimclric method over titra- 
tion by the break on the oxidimetric titration curve 

Another advantage is th formed in the reaction is 

fombine" in the form of a cLplcx: .hi. is sometimes .aken advantage of 

in practice (sec § 82). p . ^ which com- 

bine wiltt Fe*^"' ““ionl'to form stable complexes such as [Fe(PO,),l- 
bine witn re inimduccd into the solution. 

‘"xh^ Vrd.n'a\e" oi til tre'^lts on the t.trauon curve calculated from the 
formula ^ ^ O .77 t _0 058 tog , ~ 

are then loured anti ^ tt 

Wtdlo omoW owing to thei’r presence, the break on the titration curve 

begins not' at £ = 0 944 V but at 

£ = 0-77 H 0 058 log = 

, , , ,, r - 1-475 V Thus, the extent of the break on the ti- 

Jtadon’curvettTncrcased considerably as the result of complex formation. 


20 * 



308 


Chapter VII. Oxidation-Reduction Methods 


§ 82. Indicators Used in Oxidation-Reduction Methods 

Turning to indicators used in titrations by the oxidation-reduction method, 
we must first note that in some cases it is possible to do without them if 
the colour of the titrating solution undergoes a sharp enough change as 
the result of the reaction. 

Titration without an indicator is possible, for example, when vanous 
reducing agents are oxidised by permanganate in acid solution. We know 
that the purple-violet colour of the MnO^ “ ion disappears owing to reduc- 
tion to the almost colourless Mn++ ion. When all the reducing agent has 
been titrated a single excess drop of permanganate colours the whole solu- 
tion a distinct pink. 

Similarly, reducing agents can be titrated with iodine solution without 
the use of indicators, because the dark brown colour of iodine disappears 
as the result of reduction of I, to I " ions. However, since the colour of Ig 
solutions is not very deep, it is convenient in such cases to use an indicator- 
starch solution, which gives an intense blue colour even with very small 
amounts of free iodine. 

Tlte use of starch is based on its ability to form a blue adsorption com- 
pound with iodine, and is unrelated to the oxidising properties of 1.2. 

However, there are indicators which change colour when the oxidation 
poieniial of the titrated solution reaches a definite value; such colour 
changes do not depend on the specific properties of the oxidising or 
reducing agents used. Such indicators are known as oxidation-reduction 
or redox indicators. 

Such indicators include diphenylamine NH(C(jH5)2, which is used in 
qualitative analysis as a reagent for the NOj" ion. The latter oxidises di- 
phenylamine (which is colourless in solution) to another compound (di- 
phenylbenzidine violet),* which has a blue-violet colour. 

Diphenylamine is also oxidised by many other oxidising agents with 
high oxidation potentials, such as KMnOi, K.Cr.^O,, KCIO3, KNO.2, 
etc. It is therefore essentially a reagent for a definite oxidation potential, 
just as acid-base indicators are reagents for definite pH values. 

It is clear from all this that redox indicators are substances which can be 
reversibly oxidised or reduced, with different colours in the oxidised and 
reduced forms. 

If we denote these forms by the symbols Indox. and Indeed., their inter- 
conversion can be represented by the following equation: 

Indox. + ^ Indued. 


• lls structural formula is: 
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Evidently, a system consisting of Indox. IndR^-j. is a redox system. 
Applying the Nernst equation to it, we have: 

( 1 ) 


^ 0058 , (IndOx.l 

£ = £,-[- -- log 


Here is the standard oxidation potential of the system, i.e., the potential 
corresponding to the case when 

[Indox. ] — [Iridjtej. ] 

If we add 1-2 drops of a solution of some redox indicator to a solution 
of a reducing (or oxidising) agent, the concentrations of the ox'd'sed and 
reduced forms of the indicator wtll be in a rat, o corresponding to the oxi- 
dation potential of the solution. The solution acquires ihe colourcorrespond- 
ing to ?hat ratio. If this solution is titrated with an oxidising (or reducing) 

agent, the oxidation potential ^changes. The ^‘^^-^^iratioalters according- 
ly However as with acid-base indicators, not every change of this ratio 
^'rrespTnds t^a coLr change which can be perceived by the eye. If we 
^sTr^rthat tL presence of one of the coloured forms can no longer be 
detecTd by the eye when its concentration becomes one-tenth of the con- 
centration of the other form, we have the following range of E. 

(colour of Indued.) 


1 


£. = £.. + -r log 

F - F ^ Iogl2 = £„+ (colour of Indox.) 


Consequently* 


the range = £o i " 


0058 


( 2 ) 


In the case of diphcnylaminc indicator, for which = +0-76 v and 
rt = 2, the range is 


0 058 

from £1 = 2 


0-73 V 


to £^ = 0-76 -I- 0-79 V 

A* , 1 n-73 V the reduced form of the indicator (diphenyl- 

At potentials >>etow 0 73^v^Uk reu colourless. At 

£-0'79 V and rer the' oxidised form (diphenylbenzidine violet) is predom- 
£ 0 79 vand ov intense blue-violet colour. Between 

0 73 V and 0-79 v the colour of the solution changes gradually from col- 

ourless to blue-violet. 

■ . Equation (2) is clearly quite analogous to the equation pH range = p/r i 1 for 
acid-base indicators (p. 226). 
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The range in which the indicator changes colour must be within the lim- 
its of the sharp change of potential on the titration curve in order that the 
colour change of a redox indicator should be sharp and the indicator error 
in titration small. 

For example, diphenylamine is evidently unsuitable as an indicator in 
titration of ferrous iron with permanganate (the change of potential extends 
£ = 0-944 V to £= 1-475 v). In fact, it is evident from Table 17 
(p. 306) that its colour would change when only about 50®o of the Fe+ + 
has bjen oxidised, and the change would be very slow, as the titration 
curve is almost horizontal over this region. 

However, it was pointed out above (p. 307) that if Fe ions are con- 
verted into complex form by addition of PO4 ~ ' or F ~ ions it is possible 

to lower sharply the potential at which the change begins. In presence of 
these ions the colour change of diphenylamine is within the range of the 
potential break and diphenylamine is then quite suitable as an indicator. 

Of course, no indicator is necessary in titration with permanganate, but 
in titration of ferrous salts with dichromate 

6Fc " + +Cr-,0; r- 14H ' = 6Fe ^ +2Cr + +7Hp 

which is a reaction of great practical importance, an indicator is needed. 
It was for this titration that the first of the redox indicators, diphenylamine, 
was used for the first lime (in 1924). 

Since in this case the break on the titration curve extends from £ = 0 944 v 
to E 1-302 V. all that was said earlier about titration of Fe+ with 
permanganate fully applies here. The titration is performed in presence c^f 
H, PC), . which converts the Fe*'*' ^ ion into the stable [Fe(PO.,)2] 
complex, in order that the colour change of the indicator should be sharp 
and the indicator error negligible. 

However, there are redox indicators with higher values of £0. They include 
plienylanthranilic acid,* proposed by V. S. Syrokomsky, V. V. Stepin. 
A. V. Kirsanov, and V. P. Cherkasov, which has £0 = -f 108 v. In presence 
of this indicator dichromate can be titrated (in strongly acid solution) 
with ferrous salts even without addition of H3PO4. 

The number of redox indicators with various values of £„ now available 
is quite large. 

The dis.'overy of new indicators is of considerable interest in volumetric 
analysis, as it extends the application of oxidimetric methods. 

Som: redox indicators are listed in Table 18. 

In addition to their great advantage, namely, that they can be used in 
various oxidimetric methods, redox indicators are not without considerable 
disadvantages. For example, the potential at which one form of an indicator 
is converted into the other often varies with the solution pH. In some cases 
the colour change is rather slow or intermediate compounds are formed. 


Also known as diphenyIaminc-2<arboxylic acid. 
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Table 18 


Redox Indicators 


Indicator 


Neutral red 
Methylene blue 


Diphenylamine 

Diphenylamineazosulphonic acid 

Erioglucirt A 
Phenylanthranilic acid 
Ferroin (complex of o-phenanihrolinc 
with Fe + ^ ) • 

DiphenyIamine*2,2'-dicarboxylic acid 


Colour 

£■. 

ai [H • )« J 

(VI 

‘'"‘Ok. 

'"“R.id. ' 

Red 

Colourless 

1 -- 0 24 

Greenish 

Colourless 

- 0-53 

blue 

Blue-violct 

Colourless 

- 0-76 

Red-violet i 

Colourless 

0-85 

Red 

1 Green 

T 1-00 

Rcd-violet j 

Colourless 

1 

+ 1 08 

Pale blue 

1 

Red 

-1-14* 

Blue-violct 

Colourless 

' -rl-26 


• Appreciable colour change at +l'20 v. 

the use of starch. 

«. u . r^viHaiion-rcduction titration the oxidation poieniial 

It was shown in § 81 that in an near the equivalence point. There- 
of the solution undergoes a more or less P titrated and the resullanl 

fore, ifaplatinum electrode of accurately known potential (for example, 

halr^cell is connected to a "„Tc„dy a calomel eleelrode)- the result is 

a standard hydrogen electrode or. ihc equivalence point. Therefore, if this 

a cell the e.m.f. of which changes sharply nea^r ^he 

e m.f. is measured Periodically by m reached. This is the principle 

sharp change of e.m.f. shows when the q aeents. 

of potentiometric titration ** ihe^ncuiralisation method. For this the 

Poientiomctric titration can abo b ^ hydrogen half-cell,** which is then connected 

solution being titrated can ^*convcricd resultant cell is measured during 

to a suitable standard half-cell and • concentration in the 

the titration. Since this ration changes abruptly at the equivalence point. 

solution being titrated, and this concentration Changes 40 m 

the latter can be easily .,ri- method referred to earlier (p. 176) the potentio- 

In addition to the ' oniicability of volumetric analysis and is of great 

metric method greatly extends the appiicaoimy o. 

practical importance. 

. . , of metallic mercury in contact with KCl solution 

• The calon'el electrode consists Hg.+ ^/2Hg. the potential 

saturated with ' ^ration of Hg-'*' ions in solution. This concern 

of which is determined by , depends on the Cl " ion concentration, i.e., on 

tration by the I N. then 1? of the calo- 

the KCl concentration in solution, n me 

mel electrode is 0-2816 v (at25 C). construction of a standard hydrogen electrode 
r'ulS.;otySr.hTL?^.:Sn “o be tumled ,„.ead of H.SO, soluliou. 
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§ 83. Rate of Oxidation-Reduction Reactions 


Oxidation-reduction reactions have a number of specific features which 

hinder their use in volumetric analysis. ^ * u 

These features include reversibility which, as was noted earlier, must be 
prevented in some instances. Another peculiarity is the inadequate rate ot 
many oxidation-reduction reactions. We know that slow reactions are 
unsuitable for titrations, because not only is the titrahon very slow, but it 
cannot be performed accurately enough. Therefore, if it is desired to use 
such reactions in volumetric analysis, they must be accelerated. 

Slow reactions can be accelerated by various methods, foremost of which 
is increase of the solution temperature. The influence of temperature on the 
rate of reaction is enormous. 

As a rule, the rate of a reaction is doubled or trebled when the temperature 
is raised hv 10° C. Therefore, as the temperature is raised in arithmetical 
progression, the reaction rate increases in geometrical progression. 

Therefore, very often a reaction which hardly proceeds at all at room tem- 
perature proceeds at an adequate rate on heating. An example important 
in analysis is the reaction 


511 ,Cp, v2KMnO, ’ 3 H.SO 4 2 MnS 04 r K.SO 4 f- 8 H.O f-lOCO. 


which takes place when oxalic acid is titrated with permanganate; this ti- 
tration should be performed at 70-80® C. 

However, it is not always possible to heat the solution, as this may cause 

either volatilisation of one of the reacting substances (for example, of I> 
in iodometric determinations) or oxidation by atmospheric oxygen (oxi- 
dation of Fe " ■ during titration of FeSO, solution with permanganate). 

In Mich cases other methods arc used for increasing the rate of reaction, 
for example, increase of the concentrations of the reacting substances. 
For instance, the slow reaction 


6 KI i-K.Cr.O; ; 7H.SO, = 31. 1 4 K.SO 4 -Cr.(S04)3-f 7HP 


can be accelerated by increase of the H ^ or I ion concentrations in solu- 
lion. 

by the law of mass action, the rate of a chemical reaction in a homogene- 
ou'^ medium is directlv proportional to the products of the concentrations 
of the reacting substances if these concentrations are raised to the powers 
conx^ponding to the respective stoichiometric coefficients. For example, 
the rate (v) of the reaction 


21- I H.O^ • 2H -- I, \-2HfD 


is. by the law of mass action, given by the equation 

V A' {I F [H.OJ [H • F 


where A' is the reaction rate constant. 
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:n3 


If the concentrations of all three substances are the sanre and equal to 
C, we have: 

V = KC^ 

■ • C A-r. nr;»rtice that the rate of this reaction is proporiion- 

However,itisfoundinpractc h t^t^^^^ concentration, i.e^ 

al to the square and not to P action are found with 

V = KC\ Similar deviations from the law oi m 

many other o^'dj^’°"‘'‘^‘^“^^'^",ies1Vthe'compIexityof these reactions. 

The cause of the ^.fer of electrons but also a resultant 

Very often they involve not only r< reaction. Such changes 

change in the composition of ion ‘ j reduction of Mn 04 and 

of composition take place, 

Crp,-- ions to Mn^;* and through a series of intermediate 

Complex reactions of this type ‘ y ^ not represent the true 

stages, so that the equation for result. The rate of the process 

course of the process r individual stages and therefore it 

as a whole depends on the ,, ^ouation of this type, 

cannot be predicted from an o ‘ niany oxidation-reduction proc- 

The following considerations . stages. Chemical reactions 

esses must pass through a sene. correspondinc ions (or molecules), 

in solutions occur being equal, depends on the 

The probability of collision, oih reaction. For example, the 

number of particles taking ,;^J,ar'* reaction between two ions, 

probability of collision m a b.mokcuiar 

such as _ re^ + -^ + F'-'’" " 

Qg + + + +-}- Fc ^ ^ 

i. •‘irimolecular” reactions such as 

must be far higher than m ^, + + + + j- 2Fe 

Sn++ -|-2Fe--‘ =Sn + 

1 ... must collide simultaneously at one point 
in each of which three " rtions. The probability of tetra-, penta-, 

in space in exactly the right p P reactions are impossible in 

etc., molecular reactions ^o o through certain intcr- 

praclice. All such trimolecular reaction, 

mediate stages each of w i these intermediate stages is unknown. 

Usually the precise "^^ure o identified and the true course of 

However, in some For example, the reaction 

the process can thus + 2H* = h + 2H,0 (a) 

v/.»r.all eauation, pentamolecular. It has been 
is, according to the above o intermediate stages involves the for- 

found experimentally tha 
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mation of the hypoiodite ion 10 by the equation 

I- + H,0. = lO+H^O 


(b) 


The 10" ions then combine with H ions 


IO- + H + 


HIO 


(c) 


and, finally. HIO, being a strong oxidising agent, oxidises I ~ ions in accord- 
ance with the equation 


HIO + I-+H+ I.+H,.0 


(d) 


Adding Equations (b), (c) and (d) we have the over-all Equation (a). 

It is evident that the rate of a complex reaction of this type is determined 
hy the rate of its slowest intermediate stage. The slowest stage of the oxi- 
dation-reduction process we are considering here is reaction (b), and since 
this is a bimolecular reaction the rate of the process as a whole must be 
proportional to the square of the concentration, as is found to be the 
case in practice. 

Therefore, the deviations of the rates of oxidation-reduction reactions 
from the law of mass action are merely apparent deviations, which are due to 
the existence in the oxidation-reduction processes of intermediate stages, 
generally not known precisely. 

In addition to increase of temperature and of concentration, introduction 
of catalysts may influence the reaction rale. 

('(ita/y.<<t.\ arc suh.<:tan('es which influence reaction rates but are themselves 
unchanged hy the reactions. In addition to positive catalysts, which 
accelerate reactions, there arc also negative catalysis, which retard them.* 

However, the fact that a catalyst is not expended in a reaction does not 
mean that it lakc-^ no part in it. 

The action of catalysts in reactions taking place in homogeneous media 
is associated with intermediate reaction stages in which the catalyst is also 
involved. However, the catalyst is completely regenerated during the subse- 
quent reaction stages and therefore it is not consumed in the reaction. 
If these intermediate stages proceed more rapidly in presence of the catalyst 
than the stages which do not involve the catalyst, the reaction is accel- 
erated. 

A well-known example of homogeneous catalysis is the oxidation of 
iliiosulphate by Indrogen peroxide; 

H.O, , 2S,0^ " r2H ■ - SjOc +2H,0 


• Such cataly.sts are usually known as inhibhors. 
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This reaction is catalytically accelerated by 1 - ions. Their action .s clear 
from theCati ons for^he separate stages of the process. 

H 0,+I“ ^ IO- + H2O (at a measurable rate) 

IO-+H+ C HIO (very rapid) 

I.+H,0 (very rapid) 

(very rapid) 

I3-+2SA---SA-+31- 


(e) 

(0 

(g) 

(h) 

(i) 


,ad,ng the five ^ ^ 

reacuon equation g.ven above. T^^ re- 

generated at'srage <') ""f f/^reacbonTs oxidmiorofi - 10ns by hydrogen 
^’’'dft^rSver this is more rapid than the (unknown) stage which 

'VerStat'is important in analysis, which 
ha1"been"stuS‘b; RT?hilov, is oxidation of oxalic acid by perman- 

'"5tcA+2KMnO,T3H.SO. = K.SO. + 2MnSO.-h8H.O + .OCO. 1 

. i ,■ .nv accelerated by addition of MnSO,. The action of 
which IS catalytical y ^ 

":S; r .srrs:..'!. 

3MnSO,+2KMnO,+2H,0 = 5MnO, 1 MO. 1 2H SO. ( 

Hinxide SO formed at once oxidises H,CA and is itself 
The m&nfitincsc oioxicc . 

reduced to I salt of trivalent 2^0 (2) 

2MnO.,+H..C.O. + 3H..SO. = Mn.(SO.)3+5H.O f2C0 ( 

Finally, Mn.fSO,)^ reacts with H.C.O. and is reduced to the original 
compound ^ 2MnSO. + 2CO.. + H3SO. (3) 

‘ „ rn hv two and Equations (2) and (3) by five and 

If we multiply i wLther, after cancelling we obtain the over- 

then add all three '^duations tog t ^^ilution 

all equation given consumed in the reaction. However, 

is completely in its presence, so that the intermediate 

-T-,— low pmhabiii., 
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ions may be schematically represented as follows: 

MnOa 

HsCiO« ^ HjCjO, 

s 

It should be noted that one of the products in this reaction is a salt of 
bivalent manganese which catalyses the reaction. Such reactions are known 
as autocatahtic. If MnS 04 is not added previously to the solution then the 
first few drops of permanganate added during titration of hot acidified 
solution are decolorised slowly. However, as soon as a small 
amount of Mn ^ ions has been formed subsequent decolorisation of 
KMnO, is virtually instantaneous. 

Whereas the direction and the extent of the reaction depend on the sign 
and magnitude of the potential difference between the two systems, the 
rate of an oxidation-reduction reaction is independent of the potential 
difference. 

For example, the oxidation of gaseous hydrogen by oxygen, which corre- 
sponds to a very large difference of standard oxidation potentials (1*23 v)» 
proceeds at an immeasurably low rale at room temperature (to which the 
corresponding values of £„ refer). On the other hand, oxidation of Fe"*" 
ions by the oxygen of the air is much more rapid, despite the considerably 
smaller difference of potentials (0*46 v). 

This must be taken into account when we use the table of oxidation 
potentials; not every oxidation-reduction reaction which is possible on the 
basis of the oxidation potentials of the corresponding systems can be effected 
in practice, because its rate may be too low. 

§ 84. Side Reactions in Oxidation-Reduction Titrations 

One complication which hinders the use of redox processes in volumetric 
analysis is the occurrence (together with the required reaction) of side reac- 
tions which consume an unknown amount of the standard solution. As a 
result the determination itself becomes impossible if steps are not taken to 
prexont the side reactions. 

As one of the most important examples of this, let us consider the per- 
manganate determination of ferrous iron, based on the reaction 

5Fc ■ ^ MnO, - +8H ^ = 5Fe + + + + Mn + + +4HoO 

It is dear from the above equation that H ions are consumed in the 
reaction, and so it must be conducted in acid solution. However, the nature 
of the acid with which H ions are introduced is significant. It is found 
in practice that in presence of sulphuric acid the amount of permanganate 
taken corresponds accurately to the Fe"*" content and a correct result is 
obtained in the determination. On the other hand, in presence of HCl or 
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chlorides .he amount of “ ‘aken^js too h.gh, trhVsotron 

SofcVlorinriring ,he .i.ra.ion, it ,s obv.ous .ha. .his side reaction is 
10 Cl-+ 2 MnOr + 16 H+ =2Mn + + +8HjO + 5CI, (0 

Of course, the free chlorine formed in this reaction must itself oxidise 
Fe++ ions; ^ 2 Fe- * *+201" 

If all the chlonne of permanganate used m 

it would In practice, however, some of the chlonne 

the titration. alihouch according to the values of the sland- 

It is interesting to note that MnO^/Mn - ^ (E,, = l-l Sl v) 

ard oxidation -Ration of Cl' ions by permanganate is 

and Cl,/2C1 " (£.. = + P36 occur in absence of Fe - * ions 

possible, in practice this reac ' ^ example, arsenous and oxalic 

at the concentrations even in presence of hydrochloric 

acids can be titrated with pv ‘ ^ ^ permanganate “induces” the 

acid.* Therefore, the oxidation ot K J P 

side reaction of oxidation ol C . . : ^^'juction reactions arc known. 
Many such induced or 

They were studied ^ ^^o^dation-rcduction reactions is due to the 
The occurrence t:oupl ^ oxidation-reduction process. For 

existence of ‘"tcrmcdiate g ^ ^ ions and hydrogen 

example.it was stated earl, intermediate stages, where 10; 

peroxide proceeds ^hroug formed; these products contain 

::r;it'rhi7h?"s.mro? oxida't ion .valcnc- + I) than the final react, on 
product, li (valence 0). -r^^nct (HIO) is a very powerful oxidising 

The intermediate reac .on product^ 

agent and as soon as it is lo 

HIO-I I--1 H+ = I. fH.O 

u .U «rv nut forward by the well-known Russian chemist 
According to the P . C ^ highly oxidised intermediate 

A. N. Bakh, analogou ;n.^'.on 

compounds, The formation of these compounds, termed ‘>r,- 

dafon-reducl, on process . oxidation-reduction react, ons. 

mary oxides , ,s he caus ^ cons,der- 

atiorFe^ + ^ons are first oxidised by MnOr ions to Fe rt, which may 


• In the case of H:C.04 ‘he solution 


must be heated to about 70= C for the titration. 



Chapter VII. Oxidation-Reduction Methods 


:U8 

be schematically represented as follows: 

— > Fe"*"^ (primary oxide) 

This primary oxide, being a very powerful oxidising agent, then oxidises 
Fe'* * to Fe" as follows: 

2Fe + " + Fe‘^'' = 3Fe + ■*■ + 


However, if Cl “ ions are present in solution the primary oxide does what 
permanganate cannot do under the given conditions; it oxidises part of the 
Cl ions to C!-.: 

m 

Fe ^ '' + 2C1 ^ = Fe + +CI 2 (coupled reaction) 

That is why CL is formed when Fe+ is titrated with permanganate. 

It is found in practice that Cl ~ ions can be protected against coupled 
oxidation to Cl, if the titration is conducted in presence of a manganous 
salt such as MnSO,. Apparently the function of the Mn ions depends 
on the fact that they are oxidised more readily than Cl " ions by the prirnary 
oxide. Therefore, in their presence, instead of the above coupled reaction, 
the following reaction occurs: 

Fc"' +Mn- = Fe+ + + +Mn + i'' 

The occurrence of this reaction does not lead to analytical error, because, 
in contrast to CL, the Mn + ^'' formed remains in solution and at once 
oxidises an equivalent amount of Fe * ' : 

2Fe ■’■-i Mn = 2Fe ' + Mn + 

Therefore, in presence of a bivalent manganese salt ferrous iron can be 
titrated with permanganate even in presence of hydrochloric acid. This 
is of great practical importance in the analysis of iron ores and similar mate- 
rials which arc usually dissolved in hydrochloric acid. 

In conclusion, we must draw attention to the following fact. In the neutral- 
isation method we deal with whole groups of compounds, such as strong 
and weak acids, and strong and weak bases. It is then quite immaterial 
which strong acid (MCI. H .SO,, or HNO 3 ) Is used for titrating a given alkali 
solution. In the same way, solutions of strong alkalies such as NaOH, KOH 
or Ba(OH)o are mutually interchangeable. 

In oxidation-reduction titrations we cannot replace one oxidising or 
reducing agent by another in this w’ay. Each has its specific characteristics, 
which must be studied. Therefore, the oxidation-reduction method must 
be subdivided in accordance with the substances used as the principal 
standard solutions. The four most important subdivisions are permangan- 
atometric, chromalometric. iodomctric, and bromatometric titrations. 
These subdivisions are considered in greater detail in the following sections. 
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QUESTIONS AND PROBLEMS 
(on §§ 78-84) 

<a, S' " 

difference be.rv^n weak and sfrong (a, reducing agen.s; ,b) oxidising 

agents. Give examples to illustrate this difference. chamc 

• j ■ how are they determined and what do they charac 

3. What are oxidation potentials, how are mey 

. f ^ '/rd system is — 0 35 v. Name the 

4. The standard oxidation ‘l? composed of this system and a standard 

tZSL=dltrL-t7cn^al%^“LT^.e reac.,0.^ 

5. Do the same for the system Sn ^ /Sn (se*. Appen ix 

6. aicolate the oxidation potenua. of t^ne Mn /Mn system at Mn ion 
ccniraiions of: (a) 2 g*ions/liirc, (b) 0 g 

Amwer: (a) -1091 v; (b) -M67 v. ^ /Sn ' if the Sn 

7. Calculate the oxidation potential of the system concentration is 0 0001 

ion concentration is 01 g-ion/hire and the Sn 
g-ion /litre. 

Answer: 0-237 v. .... vt. • • /m; cv«t<‘m- with 

8. A cell consists of a standard c'm*Ms^0472 v%nd the nickel electrode 

a Ni+ + concentration of 0-01 ‘otJ^ual of the Ni ' ' /Ni system, 

is the cathode. Find the standard oxidation potential o 

Answer: — 0-230 v. -i — tMn"^l at 

9. Calculate the oxidation g-ion/litrc! 

hydrogen ion conccniraiions of. (^) fe 

Answer: (a) LSI v; (b) 1 046 v. . <k\ m nuidke Cl~ 

j- cnri in SnCl.by the action of CL, (b) to oxioist t-i 

10. Is it possible: (a) to oxidise Mn*+ to MnOr - Br- ions to 

to Cl, by the action of PbOj in atid s hNO,; (d) to oxidise 1 to 1, or Cl 

Br,.6r Fe-^ ions to Fe 'tons AsO," to AsO, ' " - . 

to Clj by the action of KCIO;^ m acid * to S O-' by the action of K.:Cr;.07 

Mn++ toMnO.-.SOj - loSO, . or SO, 

in acid solution? . . - - • ri to 

Mrugeu 

from acid so.u..ons): Cd So. Sb^ . ^ 

13. The solubility product X ^,,^rcan displace hydrogen from I N HI solution, 
potential, determine whether met.illic 

Answer: Yes (E 0128 W- 

14. An equivalent amount of HC . ^ /^g and a standard hydrogen 

one of the electrode liquids ^ .uiiiiv nroducl of AgCl to determine whether this 
electrode. Use the value of ‘he solubility produc^ oi Ag 

would reverse the dircciion of the current m the cell. 

Answer: The current would not be reversed. 
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15. In the cell described in the preceding problem one of the electrode liquids is 01 M 
silver nitrate solution. To this solution enough solid KCN is added to make the CN 
ion concentration in solution 1 g-ion/litre. Given that the instability constant of the 
{AglCNlJ- complex is 1 x 10 determine whether the direction of the current in the 

cell is reversed. 

Answer: Yes. 

16. Use the values of the standard oxidation potentials of the systems MnOn/Mn"^ ^ 
and Clj/2C1 " to determine the course of the reaction between them. Explain how CL 
is prepared in the laboratory by the action of concentrated HCl on MnO.. 

17. Derive the formulas for calculating the equilibrium constants of the reactions: 


(a) Sn' ■ +U^ Sn + + + + -f-2I- 

(b) Mn 04 --r- 8 H^ +5Fe^'*- Mn ‘ ' ^5Fc + * 4-4HjO 


and find their numerical values. Which of the two reactions goes further to completion? 

Answer: (a) log A.' - 13-45; A' = 2-8xI0‘3; (b) log K = 63-8; K = 6-3 x 10". 

18. Calculate the range of break of potential and the position of the equivalence 
point in titration of a 01 N solution of a ferrous salt with a 0-1 N solution of quadri- 
valent cerium salt. Take into account that Ce ' ' ions are reduced to O and that 
the standard oxidation potential of the system Cc'^ ' ' is -i-1-55 v. Dis- 

cuss whether the curve for this titration depends on the initial concentrations of the 
two substances (provided that they are equal to each other) or on the H ion concen- 
tration. 

Answer: The range is between E 0-944 v and E = 1-376 v; the equivalence point 
is at /; 1-160 \ ; the curve docs not depend on the concentrations. 


19. Perform the analogous calculations and answer the same questions for titration 
of a ferrmis salt with KCIO3 solution if the H ' ion concentration is 1. Write the equation 
for the reaction. 

Answer: The range is between E = 0-944 v and £ 1-41 1 v; the equivalence point 

at /;■ I -.344 v is independent of the concentrations if the solution pH is kept constant. 

20. In the tiiratiiUi of Problem 18. what are the concentrations of unchanged Fe 
and C'c ‘ i*'ns at the equivalence point? 

Answer: [Fe ^ ) • [Ce'*'* ' ] 1-9 • lO-" g-ion/litre. 

21. What are redox indicators? What chemical process causes them to change colour? 

22. (a) C an K1 solution be used as a redox indicator? (b) Can starch solution, used in 
titrations of various reducing agents with U solution, be classed as a redox indicator. 


Answer: (a) '^'es; ib) no. 

2.F Calculate the range of the redox indicator ferroin; the conversion of its oxidised 
foim into the reduced form is represented by the equation 


Fc(C,T1sN..)3 
pale blue 


Fe(C,;H,N,)j 

red 


and its standard oxidation potential is ■ 1-14 v. 

.-Imut-r; I roin £ 1-082 v to £ 1-198 v. 

24. \S1ku is the colour ivf ferroin (Problem 23) at oxidation potentials of 0-5 v; 1-0 v; 
1 i4v; l-20v: 1-50 V ? In which cases is the colour the same? 

25, What factors determine the rate of an oxidation-reduction reaction? Docs the 
rate depend on the difference between the oxidation potentials of the systems involved 
in the reaction? 
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26 Explain why in many cases the innuencc of concen.ration on the rate of oxidation- 
reduttion "rations Is less ^han the law of mass act, on ,nd,ca es. 

27. What evidence is there in favour of the^view that ox.dat.on-reduct,on 
proceed by way of several intermediate stages . 

28. What is the explanation of homogeneous catalysis? Give examples. 

29. What is the theory of the formation of primary oxides? 

30. How are coupled oxidation effects explained? 


permanganate titrations 
§ 85. General Principles of the Method 

The permanganate method is based ncufral) 

manganate ion Oxidation may proceed m ac.d or .n alkaluK f 

solution. aeeiit in acid solution the seplivalcnt 

manganous sail of 

manganese in it is reduced to Mn reducing acent and it 

the acid used is formed. For example, if [ by the 

it is oxidised in presence of sulphuric ac.d the reaction repr 

equation 

10FeSO4+2KMnO,4-8H,SO, = 5Fe.(SO,):, ’ 

or, in ionic form , , ^ 

_ I «u + — 5Fc " -7- Mn -i-4H.O 

5Fe+ + +MnO., +8H - 5F 

, f nvinomcsc by 5 xhows that the kMnO^ 

The decrease of the valence o ; the following equation : 

molecule gains 5 electrons. This is < 

M„o,-H8H7+5d=Mn7-|4H,0 

/ 1031 the eram-cquivalenl of KMn04 is 

it follows that in this case (see p. 193) Hk gram q 


B-eq 


15804 


= 31-61 g 


During oxidation in alkaline or -ulraj^udon -P.ival;;n. ma^n«c 

is reduced to quadrivalent manganese w.ll formal, on ol . 

MnO„ in the form of a brown precp.tale, for examp 

. vi/r»i 4 — 2 K CrO, f 1 2MnO;,4 3K2SO4 t-4H20 

Cr,(S 04 ) 3 + 2 KMn 0 ,, f«K.OH - 2K,Gru. t 

• .1 .MnO ' ion is represented by the equation 

The change taking place in the i 

MnO, - | 4H^+3e=MnO,+2Hp 

• More correctly, the hydrated form MnO(OH),. 

2l - 6001 
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Therefore, in this case the gram-equivalent of KMnOi has a different 
value, namely: 

15804 


g-eq= 


= 52-68 g 


The different course of the reaction in acid and alkaline solutions can be 
explained as follows: the Mn^-*- ion and MnOo are interconvertible: 


MnO-,-{-4H + -\-le Mn + + -I-2H.0 


( 1 ) 


The equation shows that with increase of H + ion concentration in solu- 
tion the equilibrium between MnO.j and Mn ions shifts towards forma- 
tion of Mn ^ Therefore, even if MnO^ should be initially formed by oxi- 
dation of some substance by permanganate in acid solution, because of the 
hich concentration of H ions it would at once be reduced further to give 
Mn"^ ^ ions, in accordance with Equation (1). 

Conversely, at low H ion concentrations the equilibrium in reaction (1) 
is shifted far to the left. Therefore, under such conditions MnOa is the more 
stable, and it is formed if the reaction is conducted in alkaline or neutral 
solution. 

It should be noted that MnO_, may also be formed if the titration is start- 
ed in presence of acid but the amount of acid taken is insufficient for the 
reaction. 

In comparing the two types of titration we must first note that the stand- 
ard oxidation potential of the MnO^ '/Mn'*' system (-I-1'51 v)isconsid- . 
erably higher than that of MnOi~fMnO, (+0 54 v). Therefore, the oxi- 
dising activity of permanganate is incomparably greater in acid than in 
alkaline solution, and the reducing agents which can be titrated with it 
in acid solution arc much more numerous. 

Further, whereas almost colourless Mn'*’ * ions, which remain in solu- 
tion, are formed by titration in acid solution, titration in alkaline or neutral 
solution results in the formation of a dark brown precipitate of MnO^ 
[or, more correctly, its hydrated form MnO(OH)j], which makes it very 
difficult to establish the equivalence point accurately during titration. For 
these reasons oxidation with permanganate in acid solution is generally 
used in volumetric analysis. 


§ 86. Preparation and Storage of Standard KMn 04 Solution 

No indicators arc used for titrations with permanganate (§ 82). Since a 
single drop of KMnO., solution, even at a concentration of 0 01 N, confers 
a distinct pink colour to 50 ml of solution at the end point, there is no need 
to use 01 N permanganate solutions. Generally, 0-02 N solutions are used. 

h sliould be remembered that permanganate is not pure; it always con- 
tains some reduction products such as MnO^. Moreover, it is easily decom- 
posed by reducing agents — ammonia, organic substances entering the water 
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The most convenient of these are Na 2 C 204 and *21^20. Both 

these substances must be chemically pure and must correspond exactly 

to their formulas. . 

It is easy to purify Na 2 C .,04 by recrystallisation from water and drying 

at 240-250®C. Sodium oxalate is not hygroscopic, it contains no water 
of crystallisation, and it does not change on keeping. Oxalic acid is rather 
more difficult to purify than Na 2 C >04 and is also nonhygroscopic. However, 
it contains water of crystallisation, and, in contrast to NaX^O.,, it is efflo- 
rescent. ... 

The reactions taking place when these substances are titrated with perman- 
ganate are represented by the equations* 

5NaX.04+2KMn04 + 8H,S04 = 2 MnS 04 + K2S04+5Na2S04+ 

+8H2O + I0CO2t 

5 H 2 C 204 + 2 KMn 04 + 3 H 2 S 04 = 2MnS0, -K.SO.+SH.O-hlOCO. t 
In both cases the CX>a~~ ions are oxidised as follows: 

0.04--— 2^ = 2 00. 

Therefore, the gram-equivalents of Na^C^Oj and H X^Oj • 2H,0 respec- 
tively are: 

g-eq of Na.C.O, = = 67 01 g 

g-cq of W.C.O^ ■ 2H .0 = = 63 04 g 

Preparation of the Primary Standard Solution. Weigh out accurately on an 
analytical balance about 002x67'01 sO ^S =« 0335 g of NaoC 204 or 
002x6304x0-25 -0-315g of H.C 204 - 2H.O. transfer the substance 
wiihnui loss into a 250 ml measuring flask and dissolve it in cold distilled 
w.iter. make liie solution up to the mark with water, and mix thoroughly. 
Calculate and record the normality of the solution. 

Titration. Pipette out an aliquot portion (25-00 ml) of the primary stand- 
ard Milution. add 10-15 ml of 2 N sulphuric acid solution, and heat the 
liquid to 75-80® C (do not allow it to boil, because oxalic acid decomposes 
on boiling). Put the KMnO, solution inaburettc** and adjust the level to 
the zero mark. If the bottom edge of the meniscus is difficult to see, all 
tlic readings may be taken against the top of the meniscus. 

Now add the KMnO, solution drop by drop to the primary standard 
solution, bach successive drop may be added only after the colour caused 


• Sec p. .^15 for a more detailed account of the mechanism of these reactions. 

••A burette with a glass lap is preferable. An ordinary burette may also be used, but 
at the end of the titration the KMnO, solution must then be poured out immediately 
and the burette rinsed out with distilled water. 
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in the form of dust, etc. Because of this the concentration of a KMnO. 

solution falls somewhat after preparation. 

From this it follows that standard permanganate solution cannot be 
prepared by exact ^veighing. It has to be standardised, and the solution 

’t .... 

K rt'H the MnO oreclpitatc present in the KMnOj solution 
remain by Lidation of organic matter and 

^mmonTdissolved in water by' the pcrmangan.ue, 
it catalytically accelerates farther dc'compos on of KMnO It 
be remembered that permanganate oxi iscs ’ solution For 

substances mus^no^^ through paper; glass filter 

^ L^tt^ "this purpose, or Permanganate must 

be decanted from rd'^placror in dark glass 

boUl^rbeS^f.ight^ccelcratcs decomposition of KMnO, by the reaction: 

4K.MnO, f 211,0 = \ 4MnO, f-4K.0H+30, I 
In view of all these considerations. KMnO, 

Weigh out on a ‘f ,;^,\ro°02 X 31 61^ L about 0 63 g. 

1 litre of 0 02 N solutton^ This am^ ^ „rge measuring cylinder. 

Now measure out 1 litre ol ms ^ 

As KMnO, 'vi h small portions of it in a beaker or 

to boiling and From Tme to time carefully decant the 

flask, with , .,noihcr vessel and .add another portion of hot 

liquid from "been dissolved and the solution has cooled, 

water "fjien the crystaM . b thoroughly, and 

"oVtrefX ti;Un\irhquid from the precipitated MnO, (or filter 
it through a glass filter crucible). 

§ 87. Standardisation of KMnOj Solution 

. - cfandards havc been proposed for standardisation of 

Many primary stanuaros uaw yr „ Na C O As.On 

KMnO, solutions: they include HAO,-2H,0, NaAU„ As,u„ 

K, [Fe(CN)ol- 3H,0, metallic iron. etc. 

* During this time any agents is 

Sly aL\era'tcd“ rme solull is boiled, so Iha. .he whole operu.ion can bo comple.ed 
in 1-2 hours. 

21 * - 
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Oxalic acid (and its salts), ferrous salts, and many other reducing agents 
corresponding to oxidation potentials of less than 1-51 v can be determined 
by permanganate titration. Such substances include nitrites (salts of HNOi), 
thiocyanates (salts of HCNS), potassium ferrocyanide K4[Fe(CN)5J, 
hydrogen peroxide (HA), arsenous acid and its salts, etc. Let us consider 
the determination of HiO-> and nitrites in more detail. 

Determination of Hydrogen Peroxide, H2O.,. The determination is based 

on the reaction: 

5H A+2MnO, ^ ^ 6H + = 1 502+2Mn + " +8H2O 

The equation shows that in this reaction acts as a reducing agent 
and is oxidised to as follows: 

HA— 2^ = 02-r2H-^ 

Therefore: 

g-eq of HA “ 'T ~ “2^" “ 1700 g 

Since commercial hydrogen peroxide contains about 3% H^Oj, it must 
be greatly diluted with water. For the analysis an accurately weighed sample 
of the hydrogen peroxide solution is diluted with water in a 250 ml measuring 
flask to give an approximately 0‘02 N solution. An aliquot portion (25’00 m/) 
is acidified with 5-10 ml of sulphuric acid solution and titrated with 
permanganate. The titration is repeated two or three times, the average 
of the concordant results is taken, and the normality of the H^Oj solution 
is calculated in the usual way. The total amount of HoO_. taken (i.e., in 
250 ml) is then found and the result is expressed as a percentage. 

Determination of Nitrites. This determination is based on the reaction 

SNO.--' 2MnO, r 6H + = 5NO3- -:-2Mn+ + +3H2O 

Since the oxidation of NOj ^ ions to NO3” ions can be written as 

NO. I- H .0-2e - NO3 - f 2H - 


the equivalent of a nitrite, such as NaNO^, is 


M 6900 
g-eq ^ 


34-50 g 


A special feature of this determination is that nitrites arc readily decom- 
posed by acids to form nitrogen oxides: 

2NO. 4 2H ■ - 2HNO. = t NO ! • NO^-i-H.O 

Therefore, the titration procedure must be reversed in order to avoid 
losses. In this case acidified permanganate solution is titrated with neu- 
tral nitrite solution and not vice versa. When the nitrite solution comes into 
contact with the KMnO, solution it is o.xidised to nitrate almost instan- 
taneously and nitrogen oxides are not formed. 
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. J an PY^rtlv weiehcd amount of nitrite solution is 

For the determination. - ,^0.02 N solution when dissolved in 

taken calculated to give ^ ‘ ^ this solution. Then 25 00 ml 

a250mImeasuringfUsk.lht Durci amiraielv twiih a burette 

of standard theVame volume of 

or pipette) into a 500 ml ijauid is diluted with 250 ml of 

dilute (1:4) H.SOi ^®]“^"j["j;‘jhen‘titrated^with the nitrite solution until 
water and warmed slight > . repealed two or three times, the 

one drop decolorises ^ and tlie normalityofthe nitntesolu- 

::'r 

Is f„und"tm\he io^rmyoAhe n.ir.te solution, and ,hc result is expressed 

as a percentage. determinations, there are various “indirect” 

r::i,s;!;:^r . . J^-.i.tation. sonre typlca. 

examples of such determinations are given below. 

§ 89. Determination of Iron in Ferric Chloride Solution 

Ferric salts arc not oxidised by 

IVetcrd Ty -ch as H,S. various metals and 

Tn fhTv^ru^ilmS dltcribed below FeCU is reduced by the action 

of SnClJn'^presence of hydrochloric acid; 

2FcCl, i-SnCl. = 2FcCl, hSnCI., 

u completely, as it is also oxidised by 

KMnU“Thls ifdinrb; means of mercuric chloride (corrosive sublimate. 
HgCli), which reacts with SnCh as foil 

SnCl, r2 HgCh = SnCl^-F 1 HgXl^ 

.. /^.inmel He. Cl.) is deposited in the form of a Silky 

Mercurous chloride (calo hHg.^^J^^ 

white precipitate, inis is nlacc- 

KMnO^. The following reaction ta p • 

5FeCI,+KMnO,d 8HC1 = 5FeCl3+Mna+KCl+4H,0 

♦ rr,.»<f he taken into consideration in this analysis. 
The "ci can also be oxidised by permanganate. How- 

“ . Reducton by the action of metals and amalgams is desenbed in detail in § 93. 



328 


Chapter Vll. Oxidation-Reduction Methods 


if a large amount of Hg »Cl.> is precipitated and, in particular, if it has a 
grey or dark colour as the result of further reduction to metallic mercury 
by the reaction 

Hg..CL+SnCU= i2Hg+SnCl4 

it is oxidised so rapidly during the titration that the result is quite erroneous. 

It follows that a basic condition for accuracy in this method is the use of 
a verv slight excess o/SnCl w Stannous chloride is added drop by drop until 
the yellow colour of FeCIa'has disappeared, after which one or two more 
drops are added. 

2. As the result of the reaction between KMnO., and HgXU, after the 
end of the titration the pale pink colour of the solution fades fairly rapidly 
on standing. Therefore, the titration must be ended on the first appearance 
of a pink colour which persists for 30 seconds. The end point can be seen 
more easily if the solution is diluted with a large amount of water. 

3. Titration of a ferrous salt in presence of hydrochloric acid is accom- 
panied by oxidation of Cl “ ions to CU, so that too much RMnO^ is taken 
and a wrong result is obtained (see § 84). 

To avoid this, the titration should be performed in presence of a salt 
of bivalent manganese, which protects Cl" ions against such oxidation 
(p. 317). It is also necessary to add phosphoric acid, as the latter converts 
Fe ~ ions into colourless complex (Fe(PO,,)J ions, and thus 

removes the yellow colour of the solution which is due to hydrolysis of 
ferric chloride, so that it is easier to detect the end point. 

In practice the titration is performed in presence of a specially prepared 
preventive solution, containing definite concentrations of MnS 04 , H3PO4 
and 

Procedure. The FcCI^ Jti.m to be analysed (containing OT-0'3 g 
of iron) is put in a 250 ml ■ , • iNUiing flask, diluted with water to the mark, 
and stirred thoroughly. N<’\v pipette out an aliquot portion (25‘00 ml) of 
this solution into a large conical flask, add 10 ml of dilute (1 : 1) HCl 
solution, and heat until boiling begins.• ** Remove the burner and add very 
carefully, drop hy drop with continuous stirring, SnCT solution*** to the 
hot yellow solution. Wail a few seconds after addition of each drop before 
adding the next. When the yellow colour of the solution has become very 
faint it is helpful to dilute the SnCh solution w ith an equal volume of water. 
Add this diluted solution until one drop causes the colour to disappear 
completely. To make sure that the reduction of Fe"^ is complete, add 


• For preparation of the prc\cntivc solution 67 g of crystalline MnSO, •4H;0 is 
dissolved in 500-600 ml of water. To this solution 139 ml of H 3 PO 1 fsp. gr. 1-7) and 
130 ml of H..SO, (sp. gr. 1-84) is added and the whole is diluted to 1 litre with water. 

•* The solution becomes bright yellow when heated; this makes it easier to detect 
the point when reduction of I c by SnCl. is complete and this colour disappears. 

••• Dissolve 150 g of SnCL 2H.Oin 100 ml of concentrated HCl and dilute with 
water to 1 litre. 
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:vl<i 


nf the SnCU solution (but not more than that. 

2 minutes. A sl.ght s.lky .'''h ^ ^ of Fe - - . an abundant 

be formed. If, as the result of mco liberation of 

precipitate is formed, and again.** 

Hg), the determination must be rej«. of cold water and 6-8 ml 

Without filtering off the ^flf/,-,oTd and then titrate it with 

of preventive solution (see persisting for about 30 seconds, 

permanganate solution unti P at such a rate that the drops 

appears (see point 2, the colour due to the preceding 

drop has disappeared before addmgjhe^next-^^^/^^^^ 

two or three times and j. .^calculation expressing the concentration 

Calculation. Let us P'-*rfo . . being determined. First we find the 

in terms of the litre for thi. '■ the number of grams of Fe "^ 

Th“" be^Vwis'^db;thrpcr.nang:rnate present in 1 ml of the soluuon. 
Which can 0X1 J P^ ^ 

If the normality of the K ^ , number of nram-equivalents of 

gram-equivalents of ^‘since the eram-cquivalent of iron is 

Fe is oxidised during the reaction. 

55-85 g, we have ^ ^02025 x 5^;^ ^ 0-001 131 g Fe in 1 ml 

TKMnO,i'Fc " l,0bd r. ■ ml 

If the average volume of 
of the unknown solution was 24 20 ml, 

of the solution must be -,as, in - 0-'>737 c 

O =: 0 - 00 ll 31 x24-20xl0-O../3/ g 

. . X. ... u h'l^ed on Xhc substUuiton method. 

The determination '‘of FcCI.,' which was titrated, was substi- 

because the equivalent ^ be titrated with permanganate. The substi- 
tuted for the which determination 

tution method (preUinina y molybdic acid, H>loO,. and 

of certain other sub^anccs, ‘ even salts of tnvalent chro- 

of vanadic acid, ,_.j bv zinc to salts of bivalent chromium, which 

mium, which can be ^ 

are then titrated with KMnO.,. 

* Dissave 60 g of was used. In this 

case thc*detcnnina^ion must out the calculation by the usual method, i.e.. 

Of course, it IS “'5‘^.r::;‘^uVFcS7solution and then calculating the amount ol 
by first finding the normality ol the r n 

iron in 250 ml. 
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§ 90. Determination of Chromium in Potassium Dichromate Solution 

Potassium dichromate, K-CfoO,, is itself an oxidising agent and therefore, 
like FeClg, it cannot be titrated with KMnO,. Neither is it practicable to 
reduce it to Cr + + + ions, which are much weaker reducing agents (£o = 
= 4-1-36 v) than Fe+ + ions (£„ = 4-0-77 v). However, for permanganate 
determination of dichromate we can take advantage of the fact that in 
acid solution dichromate oxidises ferrous salts, for example: 

KXr,0,-L6FeS0,-47H,S0, = 3Fe,(S0j)3^Cr,(S04)3 4-K,S04 4-7H20 

If an accurately measured volume, known to be in excess, of standard 
FeSO, solution is added to the unknown KLoCrvO, solution in presence 
of HoSO,, the residual ferrous sulphate after the reaction can be titrated 
with permanganate and the amount of FeSO., which reacted with K^CriO; 
can be found by difference. It is then easy to calculate the amount of dichro- 
mate in the original solution. 

This method, used very frequently in volumetric analysis, is known 
as the hack'titration method (or residual titration). In this case it is more 
convenient to use a more stable ferrous compound than FeSO,; namely, 
Mohr’s sail (NH,)jSO, • FeSO, • 6 H 3 O. However, even this salt alters its 
litre fairly rapidly, so that it must be standardised at the time of the deter- 
mination. 

Procedure. Dilute the KXrjO-; solution, containing 0-15-0-30 g of the 
salt, in a 250 ml measuring flask, pipette out 25 00 ml of the diluted solu- 
tion, and acidify with 10-15 ml of 2 N H^SO, solution. From another 
burette measure out mrMr<7ft734ntolhesamcflask40or50mlofapproximate- 
ly 0 02 N solution of Mohr’s salt. Dilute the resultant green solution (colour 
of Cr “ ions) with 100 ml of water and titrate the excess Mohr’s salt, 
which did not react with KXr^O-. with permanganate solution. Aim at 
obtaining w greyish colour (combination of the green colour of Cr 
ions with the pink colour of MnO, ' ions) by the addition of a single drop 
of permanganate solution. One or tw’o more drops of permanganate pro- 
duce a distinct pink colour, but the solution is then overtitrated. 

Repeat the titration two or three times and take the average result. 
At the same time titrate 25 00 ml of the Mohr’s salt solution two or three 
limes in presence of 10-15 ml of sulphuric acid. 

Calculation. Suppose that 40-00 ml of Mohr’s salt solution was taken 
with 25 00 ml of K.Cr.O; solution and that titration of the residual Mohr’s 
salt took 14-20 ml of 0 02025 N KMnO, solution. At the same time, 25-00 
ml of the Mohr's salt solution takes, say, 24 30 ml of KMnO^ solution 
in absence of KXr.O.. Let us consider the following two methods for 
calculating the amount of chromium. 

1. Let us first find how many millilitres of K.Mn 04 solution would be 
needed for titration of the 40 00 ml of Mohr’s salt solution in absence of 



§ 90. Deierminalion of Chromium in Potassium Dichromate Solution_ 


331 


KiCr207. This is done by proportion : 

25 00 ml of Mohr's salt takes 24 30 ml of KMnO 

40 00 ml of Mohr's salt takes ml of KMnO, 


X » 


40 00 y 24 j0 _ 3g.gQ 


25 00 


r u KA^ur^Ki <i\\t was Dreviou'vly oxidised by 
In reality, since part of . , kMuO, solution, namely, 

K^Cr^O,, titration of the solution ^o^ \ contained in 25 00 ml of the 
14-20 ml. Evidently, the amount of ^ 24-69 ml of 0-02025 

unknown solution is equivalent ® . j nomialiiy of the K.Cr^O, 

N KMnO,, solution. Accordingly, denoting the norm y 

solution by N, we can write: 

. no V/V = 24-69 xO 02025 


and hence 


24 69 X q;02025^ ^ 0 02000 
A = 25-00 


I 1 in the usual way from this result the 
It would be ‘“o“ ^250 ml of solution and hence to find the 

number of grams of K^Cr^^-, necessary to calculate the amount 

amount of Cr. However, ' amount of chromium directly, 

of K.Cr^O,. It is more convenient contains one gram-equivalent 

as follows. One gram-equivalent of KX , , ^ 

of chromium, which is equal . = ^.,^.^trons in the reaction). 

(since one atom ofsexivalentc iron gram-equivalents of K .CruO, 

"nuteTir25‘o"il'T.te^^^u.i^^ we multiply it by the gram-e,u, valent 
of chromium. Consequently 

0-02000x250x2221== 0-08670 g of chromium 
0260 = TOGO 

\'t\i rtf ihc ^4ohr s suit solution. 

2. First we find the normality of the Mon 


Ax 2500 = 0-02025x24-30 


and hence 


N 


0-02025x24-30 ^0 01969 
— 25-00 


u n..,nv milligram-equivalents of the respective 
We now calculate ^owni^s of ihe Mohr’s salt and permanganate 
substances are present in inc Mohr’s salt solution contains 

solutions used in the of he 51^40 00 ml contains 

0-01969 milligram-cquivalcnt ol the sail, 

0-01969x40 00 = 0-7876 mg-eq 




Similarly we find that the 14-20 ml of 0-02025 N KMn04 solution used 
for titration of the residual Mohr’s salt contained 

0 02025 X 14-20 = 0-2876 mg-eq 


We know (p. 196) that in any reaction equal numbers of milligram-equiv- 
alents of both reacting substances are used. Our result therefore shows 
that of the 0 7876 mg-cq of Mohr’s salt taken 0-2876 mg-eq remained after 
the reaction with K,Cr207and was titrated with KMn04. Therefore,0-7876— 
_0-2876 = 0-5000 mg-eq was consumed in the reaction with KoCr^O,. This 
is also the number of milligram-equivalents of chromium in 25 ml of 
the unknown solution. Therefore, 250 ml contained 5 000 mg-eq or 

5-000x17-34 = 86-70 mg = 0 08670 g of chromium 

The above calculation method is convenient if the normalities of both 
the standard solutions used in the determination are known. If the normality 
of only one of the solutions is known (as in this case), it is better to use the 
first calculation method. 

This method for determination of chromium is of great practical impor- 
tance. It is the method used for determining chromium in chromium ores. 


steels, ferrous alloys, slags, etc. 

A weighed sample of ore or slag is usually fused with Na.,0.2 in an iron 
or nickel crucible, when chromium is oxidised to chromate and NaXrOj 
is formed. The solution is acidified with sulphuric acid and chromium is 
determined as described above. For determination of chromium in an alloy 
a weighed sample is dissolved in H^SO,, ferrous iron and carbides are oxi- 
dised'by nitric acid, and Cr+ is then oxidised to CrX,"*" by the action 
of ammonium persulphate, (NH4)2SXs, in presence of Ag'*’ as a catalyst 
The MnO,‘ ions (formed in solution by oxidation of the manganese pres- 
ent in the alloy) are reduced by the action of NaCl solution, excess 
(NM,).S.Os is decomposed by boiling, and the determination is com- 


pleted by the method described above. 

Residua! titration with permanganate can also be used for determi- 
nation ofceriain other oxidising agents, such as chlorates (salts of HClO;i). 
persulphatcs (salts of H.S.OJ, bleaching powder (CaOCl,), etc. Substances 
Mich as MnO,, PbO, and' Ph.O, can be determined if oxalic acid is used 
instead of Mohr’s salt and liie residual oxalic acid is titrated back with 
permanganate. It will be remembered that back-titration is also used in 
the neutralisation method; for example, in determination of the permanent 


hardness of water (§ 74), of NH3 in ammonium salts (§ 77). etc. 


§ 91. Determination of Calcium in Calcium Carbonate 

Only indirect methods are used for determination of calcium by per- 
manganate titration; cither back-titration or substitution may be used. 
In the former case an accurately measured excess of oxalic acid solution is 
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added, the precipitated CaC.O is sepa.ted ofh -.dual oxahc 

St" r“’ ^ 

■which is filtered off, ^ q Ca-" content in solution is cal- 

acid formed is titrated with KMnO, and ca 

culated from the titration ^ ^vhich is the one most used in 

Below we consider only the last method. 

practice. o,Tiount of CaCO;, sufficient to 

Procedure. Weigh i.uion when dissolved and made up to 

give an approximately 002 so is approximately 50 g, the 

250 ml. Since the gram-equ.valmil ot CaCU, PP 

amount to be weighed out is about 

0 02 >: 50 - 250 _ q. 25 g 

i ,000 

Transfer the weighed sample ‘Ihe"^ wS'' 2 lass and funnel into 

and then rinse the grains remammg (1 : 0 HCl 

the same flask. Without ta ' S ^ijnhily warming and agitating the 
solution into the flask drop y of the CaCO;,. When all the 

contents in order to speed p , die solution through the same 

CaCOa has dissolved in the die flask and funnel several 

funnel into a 250 ml ^ the outside of the funnel stem 

times with distilled water. A ^ ‘ sample was being dissolved), 

(drops of solution may .^ater. 

cool the solution, and make p 'm* out an aliquot portion (25 00 ml) 
Mix the solution thoroughly P P H.C.O, solution. 60-70 ml of 

into a conical flask, and ^ j orange. Heal the liquid to 70-80 C 

water, and one or two diop Hiluicd with an equal volume of water 

and add 10% NH,OH with continuous stirr^^^ 

drop by drop (one or two drop p ^ bath and 

the pink colour vanishes.* Then P"*' ' . 

allow the precipitate Precipitate to a filter, and wash with cold 

Cool the liquid, . Pi.' filter crucible, but paper (blue band) 

water. It is best to use a No. g • transfer all the precipitate Irom 

can also be used. There is convenient to dissolve the precipitate 

the flask onto the filter; it ^ the filler, the belter. It the 

in the flask, so that the some time and passed again through 

filtrate is turbid it must be hcatca 

the same filler when cool. nrecinitatc in ihc flask and on the 

At the end of the nU-t.on wa ■ .Ik preup a ^,0, - - ions 

filter several times with cold distilled wait 

-T^^dilions for precipi.al.on of CaC.O. arc explained in S 43. 
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used in the precipitation. If the CO 4 "" are not completely removed 
a certain amount of permanganate would be required to oxidise them and 
the result of the analysis would be too high. However, too much water must 
not be used for the washing, because this would lead to appreciable loss 
by dissolution of the CaC.O, precipitate. A negative reaction for Cl , when 
AgN 03 solution [or Hg.CNOa),] is added to a portion of the washing 
acidified with HNO3, shows that the washing is complete. 

Dissolve* the washed precipitate in hot 10% (vol.) H 2 SO 4 solution. If 
a paper filter was used for the filtration, first pierce the filter by means 
of a glass rod and wash the precipitate of the filter into the flask with the 
minimum quantity of hot water from a wash bottle. Then thoroughly wash 
the whole filter surface with 80-100 ml of hot 10% HoSO., solution, pouring 
it in a thin stream down a glass rod. At the end wash the filter two or three 
times with hot water. Warm the flask slightly until the precipitate dissolves 

completely. . 

The CaC,0, precipitate dissolves in H..SO 4 to form an equivalent amount 

of H..C.O,.'Heat the solution to 70-80® C and titrate the oxalic acid with 

V «• *> 

permanganate. 

Calculation. Suppose that the titration took 24 60 ml of 0-02025 N KMn 04 
solution. Therefore the precipitate obtained from 25 00 ml of the unknown 
solution contained 


0 02025 / 24-60 

\~6w 


g-eq 


CaC.Oi 


The gram-equivalent of CaC ,04 is V 2 its gram-molecule, since one C.O^ 
ion loses two electrons when titrated with permanganate: 


C.O,-- — 2e = 2CO., 

Half a gram-molecule of CaC^Oj contains half a gram-atom of Ca, or 
20-04 g. Therefore, the amount of Ca"*- in 25 ml of the solution is 


0 02025 <24-60 >'20 04 _ 0-009982 E 

■ 1,000 

This corresponds to 0 009982'- 10 = 0-09982 g Ca in 250 ml, it onl^y 
n^nains to express this amount of calcium as a percentage of the weight 
taken. 


§ 92. Determination of Manganese in Steel (or Cast Iron) 

In all the examples of permanganate titrations discussed above a KMnOj 
solution was used for titration of various reducing agents. In the method 
described below for determination of manganese in steeK cast iron, and 

• It is rather difficult to dissolve CaC^Oiin H^SOj. Therefore, it is sometimes recom- 
mended to put the washed filler into the solution to be titrated. However, when the 
solution is shaken some types of filler paper disintegrate readily into individual fibres 
and are oxidised by KMnO,, w hich leads to errors. 
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dation potential of which (£,. ) - reaciion proceeds in 

MnO,-/Mn + + in acid solution ( H 51 i 

presence of a catalyst (AgNO^) on heating: 

2MnSO, + 5(NH.),SA - 2HMnO, , 5(NH,hSO,. 7H,SO. 

absence of a ca.alys. a brown precipna.c of MnO(OH), is fornred 

instead of HMnO, ,„a,HkiKuallvniratcd with a solution of sodium 

The permanganic acid ^ as in addition to Mn* ^ 

arsenite,* Na.AsO,,. This ,n ineanese are formed in propor- 

ions compounds of tn- and quad ‘ mndiiions. It miahl seem at first 
tions which depend ^ reaction on which calculation 

sight that this non-stoichioniuric impossible. In reality 

of the analytical resets is bast d practice and gives good 

this is not the case The 'S w.dJy 

results. ^ Ik-fermhuuions ami in standardisatUm of the 

experimental condit ons in (he conditions the amount ot 

sodium arsenite solution- unu HMnO, must be proportional to 

Na 3 As 03 required for t.tra ion the complex course 

the manganese content of the . must be standardised 

of the reaction. Of course ‘ exactly known manganese 

?ht;ftrr:nbe‘roluUon nu,st be expressed in terms of manga- 

nesc. steel containing p"., of manganese 

Suppose, for example, that g ‘ jj.^cribcd below it was found that 

was taken. When it was formed by the action of (NH,),S,0:( 

titration of the solution. Let us find the manganese 

took V ml of the standard ar, calculate the weight 

titre of NaaAsOa This weight is (dp) : 100 g. To find 

of manganese m the to 1 ml of the standard solution 

what weight of i^iangancst co ^ solution, 

we must divide this weight of manganese nyin 

^ g Mn in 1 ml (D 

TNa,Aso,/.Mn — loox V ^ 

■ /M r-in also be used for calculating the analytical 
Of course. Equation (1) * unknown quantity is 

results in this method, excepi 

. c/^imion 5-1.5-2 g of Na.COj is dissolved in 100 ml 

• To prepare sodium f jrsenous anhydride As.O, {poisonous) is added and 

of water. To this solution I /u g . p As^Oj has dissolved the solution is made 

the solution is heated to boiling, 
up to 5 litres and mixed. 
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p whereas the manganese titre of the standard solution is known. Therefore 


p ^ ^ jqqo/^ (2) 

The steel sample is dissolved in a mixture of sulphuric, nitric, and phos- 
phoric acids.* Nitric acid oxidises Fe++ to Fe+ + + and decomposes 
carbides (in particular, manganese carbide) while phosphoric acid converts 
coloured Fe+ + + ions into the colourless complex form [Fe^04)2l 
Moreover, its presence increases the stability of HMn04, as it prevents to 
a considerable extent the decomposition of the latter with formation 
of precipitated MnO(OH). and liberation of oxygen. 

Cobalt, or large amounts (>2%) of chromium, in the steel interfere with 
the determination. In presence of cobalt it is impossible to determine the 
equivalence point owing to the presence of pink Co + + ions, while in pres- 
ence of cliromium determination of the equivalence point is greatly hin- 
dered by the formation of Cr.207 ions by the action of (NH.,)2S.209. 


Cr2(SO,,), }-3(NH,).S20a+7H,0 = (NHj)..Cr207+2(NH4)2S04-l-7H2S04 


For these reasons the colour change from pink to yellow at the end of 
titration is more difficult to detect. 

Procedure. Put an accurately weighed sample (about 0’2 to 0'3 g) of steel 
(or cast iron) into a 250 ml conical flask and dissolve it in the acid mixture 
by centle heating in a fume cupboard. When liberation of brown nitrous 
fumes has ceased (usually after 10-15 minutes of heating), dilute the 
solution with 50 ml of hot water and add 5 ml of 1% AgNOg solution and 
5-7 ml of 20% (NH,).S.Os solution. Now heat the solution to gentle 
boiling and boil it for 30-40 seconds [not longer, otherw'ise part 
of the HMnO., may decompose with precipitation of MnOfOH)^]. Allow 
the solution to stand for .3-4 minutes to complete the reaction and then 
cool it at once under the tap as quickly as possible. Titrate the cold solution 
with standard arsenile solution until it is colourless or (if chromium is pres- 
ent in the steel) until the pink colour changes to yellow. The titration must 
be os rapid lU possible because the persulphate present in the solution con- 
tinues (although slowly, because of the low temperature) to oxidise the 
manganese reduced during the titration back to HMnO.,. 

If the titration was carried out with insufficient accuracy or too slowly, 
it must be repeated. To do this, add 3-5 ml more of (NH,,)2S208 solution 
to the titrated solution, heat to boiling again, and then proceed as before. 

Having found the volume of standard arsenite solution (K) required 
for the titration, use Equation (2) to find the percentage of manganese in 
the steel sample. 


• Add \25 ml of fl..S(>, (sp. gr. 1-84) carefuUy in a ihin stream, with stirring, to 
500 ml of water. To the cooled solution add 100 ml of HjPOj (sp. gr. 1-70) and 275 ml 
of HNO 3 (sp. gr. 1-40). 
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dichromate titrations 

§ 93. General Principles of the Method 

ii, based on reactions of osidation b> the 
The chromatometnc due to conversion of CrA'- 

dichromate ion. Its oxidisinj. „ + + (.^dons: 

anions containing sex.vaient chrom.um into Cr 

A ^ ^ 


CtP: 


--f 14H +6f = 2Cr 


+ + + --TH.O 


This equation shows that .f pota^um d|c^-ate^is 

dation then the gram-cqutvaUnt ^ ^ j,chro- 

=49-03 g. Since reduction , solution. 

mate titrations are performed i * /^Cr"^ system ( f 1'36 v) is 

The oxidation potential /Mn - + system (^- 1-51 v). This is 

somewhat lower than that of •li , [^3 ’use dichromate for titrations m 

very important, because it is P^' - of oxidation of Cl “ions, because 

presence of hydrochloric system ( • 1-36 v) is equal to tliat 

the oxidation potential ot in : - Ufvwevcr, dichromate oxidises Cl 

of the Cr,0 ,--/ 2 Cr- - ^ abhlv-r^ N and also on boiling, 

ions to Cl, at HCl concentration advantages over permanga- 

Potassium dichromale also 

nate: , chemically pure substance, strictly corre- 

1. It is easy to ptepaf'-* , rocrystallisation from aqueous solution 

sponding to the formula K,C^ j- therefore possible to prepare standard 
followed by drying at 200 of the chemically pure salt which 

dichromate solution by exae ^ 

is then dissolved in a I K.Cr.,0, is exceedingly stable in solu- 

2. When kept in a closed vv • - acidified solution is boiled. 

tion. It docs not on keeping. Dichromate solution may 

Therefore, its litre docs no for the oxidation, 

be used even when heating _ oxidising agent is that the titration 

A disadvantage of j^'l^Jh confer a green colour to the solution, so 

gives rise to Cr+ ' jjffjcult to detect. 

that the equivalence pom is . ^c method is diphenylaminc, which 

The usual indicator ^ proposed to use the sodium 

is a redox indicator (s^ nvlamincsulphonic acid. This indicator is more 
or barium salt of ' ater and gives a very sharp colour change 

soluble than diphenylaminc It is also possible to use phenyl- 

from colourless through green to 

anthranilic acid (p- 31^'- -Jqv indicators into analytical practice, the 
Before the introduction oi titrations of ferrous iron 

external indicator 

with dichromate. •r.t.rnal and external Indicators is that the latter 

The difference being titrated but are used as spot tests for 

are not added to me 


22 — 6001 
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a particular ion. In the present instance K 3 [Fe(CN) 6 l is a reagent for the 
Fe"^ '*■ ion, with which it forms a dark blue precipitate of Turnbull’s blue: 

3Fe + + +2 [Fe(CN)6 ] = i Fcg (FeCCN)^ 

In titrations with K 3 [Fe(CN) 6 ] as indicator, drops of its solution are 
placed on a porcelain (or glass*) plate. Samples of the titrated solution are 
withdrawn by means of a glass tube with its end drawn out to a fine capillary, 
and mixed with drops of the indicator. It is also possible to apply drops 
of the titrated solution onto filter paper which has been soaked in the indi- 
cator solution and dried. 

During the first titration spot tests are performed at intervals of 1-2 ml 
until a blue colour is no longer produced with K 3 [Fe(CN)K]- This gives a 
rough estimate of the volume of K 2 Cr 20 , solution needed; in the next 
titration similar samples are taken only near the end of the titration at 
intervals of OT-0-2 ml. In the third titration the exact volume of KjCrjO, 
solution required for the titration is finally found. In this way the error 
caused by removal of part of the solution for the spot tests is made neg- 
ligibly small. However, external indicators are less conven- 
ient than internal ones, and they are used only if no suitable 
internal indicators are available or for titration of turbid 
or coloured solutions, when internal indicators are useless. 

The most important applications of the dichromate meth- 
od are in determination of iron in ores, slags, alloys, and 
similar materials. When they are dissolved, the iron is 
usually (even if only partially) obtained in the form of 
Fe ^ ions, which must be reduced to Fe'*"'^ before 
titration. This reduction is performed in the same way as 
was described for the permanganate method (§89), by the 
action of SnCL solution with subsequent oxidation of excess 
stannous chloride by HgCU solution. Iron is also often 
reduced by the action of metals or amalgams. The reducing 
agent most convenient for this purpose is metallic zinc, 
which reacts with Fe+ + ions as follows: 

2Fc >■ + - -KZn = 2Fe-*--^ + Zn+ + 

Excess rpetal is very easy to remove mechanically, 
c.g., by filtration through cotton wool. 

Reduction of various substances by solid or liquid amal- 
gams of various metals (zinc, cadmium, lead and bismuth) is now exten- 
sively used. 

A very convcnicnl method of reduction is by the use of solid zinc amalgam in a special 
column known as a rediictor (Fig. 58). 


• A sheet of white paper should be placed under the glass plate to make the colour 
more distinct. 



rip. 5.S. 
Redactor : 

/ — rcducior: 
flask 
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A perforated porcelain plate is ^ -nc'mat 

.nc s.av.n.s ..a.cd 

™ Durr^e'Jhf ^.ctlnaLn .he f.a.. 2 is conncc.ed .o a vacuum 

is washed through wth JSO-^OO nd of d lute ,00- 1 50 ml) .s run through 

and the cold acidified* """[^.-nirCare must be taken not to lot the hqu^ 

;e^V^^T;reducTor Mow the of the amalgam, as penetrat.on of atr mto the 

contained this solution is rinsed ou ihr.^^ the reducior; 

the washings being added otc preceding one has passed complete^ 

each successive portion is added J J^ .jor is \sashed iltrough with three portions o 
through the rcductor. At the end the rcdua< . , - . ,k. 

pure water. 25-35 ml each ,,ductor and the end of its tube is 

The flask is separated from ‘fv r'.ducto reduction of Fe’ ' ' by addition of a 
nask; the solution is 'hon tested for compl ^ 1,,^ (no pink colour should 

drop of the solution to a drop oi inm, .• uromate or permanganate, 
appear). The solution is then T!;Sams may be 

^^Insiead of metals or solid Moreover, the use of liquid amalgams 

ably more reactive so that less metal i reduction. It is thus possible 

greatly increases the number of ^ , ,ng oxidising agent in a mixture of oxi- 

fo sd^t a meal which ,hVu, tffee,'^ 

dising agents present m solution, 

§ 94. Determination of Iron in an Ore 
As an example of dichromate dcterminauons. let ub consider 

mination of iron in ^ Solution. In contrast to most of the 

Preparation of Standard definite normalily were used, we 

earlier instances, in niution (d 196) of a concentration such that 

prepare an empirical boluuon 

1 ml corresponds to ° „f^50 ml of this solution. 

K.^C^.fO^ required for .x ■ i, m (§ 93). or 49 03 g. and the 

The gram-equiv.alcnt ot i . , 1 ,^ K Xr,0, solution must 

gram-equivalent of iron IS 55 S3 g- 250 q.^sso g Fc. l!y 

correspond to 0 0025/1.000 - - 5 fc r , 
proportion. ^ 4903 g KXr A 

0 0250 g Kc is equivalent to x g KXrX. 


hence 


0 6250 / 49 0^ ^ Q. 54 JJJ. g 
= 55 85 


I n -xiRR (! of the salt, recrystalliscd twice and dried at 

Weigh out ° and transfer it quantitatively mto a 

200® C. on an analytical oaianc 

. lU acidly must be between 0 5 N and 5 N. 


22 * - 
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250 ml measuring flask; dissolve it in water, make up to the mark, and 
mix thoroughly. The iron titre of this solution is* 

TK.Crj07/Fe = 0‘002500 g/ml 

Procedure. Weigh out OT g of the ore on a watch glass. Transfer it carefully 
through a dry funnel into a 100 ml flask, and then weigh the glass with the 
residual ore again. Treat the sample with 10-15 ml of concentrated HCl, 
washing the ore grains completely with it from the funnel. Warm the flask 
gently on a sand bath until the dark grains of ore on the bottom of the flask 
have disappeared and only a whitish silica precipitate remains. Do not 
allow the liquid in the flask to boil, as this may lead to partial volatilisa- 
tion of FeClg. 

When the ore has been dissolved reduce the Fe+'*’'^ ions to 
Tilt the flask, carefully lower into it several pieces of granulated zinc 
metal,** insert a funnel in the neck of the flask (to retain splashes) and 
boil the solution until the yellow colour has disappeared entirely; this 
shows that Fe^ ^ has been completely reduced to Fe"*" + .*** 

When the solution has become colourless cool it thoroughly under the tap, 
wash the drops of liquid from the funnel into the flask, and take out the 
funnel. Insert a piece of cotton wool loosely into the funnel and filter the 
solution through it into a large (500-700 ml) conical flask to remove 
pieces of unchanged zinc. Wash the small flask, funnel, and cotton wool 
thoroughly several times with distilled water and dilute the solution to 
300-400 ml. This is done so that the chromic salt formed by the reaction 

K,Crp,-^6FeCi,-‘ 14HCI = 2CrCl3 + 2KCl+6FeaTf-7H.O 

interfere as little as possible by its green colour with determination of the 
equivalence point in the titration. 

As was explained in detail in §82, titration of iron with diphenylamine 
indicator must be performed in presence of H3PO7 which converts the Fe+ + 

ions formed by the reaction into the (Fe(P6,)j] complex and thereby 

lowers the oxidation potential of the solution. Only under this condition 
does the indicator change colour within the limits of the change of potential 
on the titration curve. Further, the acidity of the solution must be fairly 
high. To achieve both these aims, add 25 ml of a special acid mixture**** 
(H.iPO, and H^SO,) to the solution. Then add one or two drops of diphenyl- 

• If not exactly 0-5488 g of K.CrjOj is taken, use the actual weight for calculating 
to four significant figures the value of and use this value in the subse- 

c|uent calculation. 

•• The zinc must not contain impurities which can be oxidised by KjCr.O,. 

If the zinc has dissolved completely but the yellow colour persists some more zinc 
should be added. If a white precipitate (or turbidity) of basic zinc salts is formed, HCl 
must be added to dissolve them. 

To prepare the mixture, dissolve 150 ml of H-SOjfsp. gr. 1-84) in 500 ml of dis- 
tilled water. When the solution is cool, add 150 ml of orthophosphoric acid H 3 POi 
(sp. gr. 1-70) and dilute the mixture with water to 1 litre. 



^ 95. General Principles of ihe Method 


341 


amine indicator solution (not more*) and titrate the th" 

KXrjO, solution, adding the latter in small portions, until a persistent 

"''™t\on°'M^ of millilitres of KXr,0, solution taken 

incite “ by its'rL titrc, and so find J^he amount of iron in the sample. 
Then calculate the percentage of iron in the ort. 


lODOMETRY 

§ 95. General Principles of the Method 

. L r'ln tqlc electrons from substances 

(V.efoxidantsjT- ions readily give up electrons and therefore act as re- 
ducing agents. volumetric analysis is based on oxidation- 

t:^Mn:t:r,nversio5; of elemental iodine and 

I “ ions: 

I, i 2c ;; 21 

of the I . /21 " system has the relatively 

The that in contrast to the oxidising agents 

low value of +0 54 v. It folio ^ ^ ^ j 3 relatively weak oxidant. 

“sdy "«foVsil-r^ niori powerful reducing agents than 

;d z ‘^m . /^ :::n::^hi^ 

oxidation tthese include all the reducing agents in the 

can be oxidised by free^ ^ ^ having 

first column of ^bk abo ^ oxidising agents which can be 

ot'^al l .t oxS^ agents in the third column of the 

table below the system Ability of using the oxidation-reduction 

Hence there is thus a P^^^'^^iJ'^etric analysis; for determination 
properties of the system l,/ 2 l m vo 

1 r .iinhcnvtaminc in concenlratcd'H .SO, (sp. gr. \ S4). More than 

• A 1% solunon of ^ must not be taken because at higher concenira- 

the indicated amount of d phciiy jurinc very slow titration, the indicator under- 

tions with insufficient which results (in presence of excess KXr, 0 ,) 

goes a different type of chem e happens, the determination must be rejected 

in a green colour instcao oi dju 

and repeated. . „_pears near the end of the titration disappears fairly 

•• At first the form of the indicator, formed m presence 

rapidly owing to mtcraction ^ solution. Therefore, a 

cLprclcbtiullfco^i-iSorihc solulion mus. be aimed al. 
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of reducing agents by oxidation with iodine solution, and for determi- 
nation of oxidising agents by reduction with 1“ ions. 

Let us consider both types of iodometric determinations. 

Determination of Reducing Agents. Free iodine reacts with sodium thio- 
sulphate solution as follows: 

2Na,S,03+L = 2NaI-l-Na.S409 
(-rO-lO V) (+0-54 V) 

The compound formed in this reaction is sodium tetrathionate, 

a salt of tetrathionic acid. This most important iodometric reaction may 
be written in the ionic form as follows: 

2S2O3 - - -h L = 21 - +S4O9 - - 

This equation shows that the two “ " ions, with four excess electrons 
between them, are converted into a single SPr, ion with only two excess 
electrons.* 

Therefore, two SPa"" ions give two electrons to the L molecule as 
follows: 

2SP3--— 2^ = SPc-- 

The eram-equivalent of sodium thiosulphate is 2A/:2, or A/, which is 
248-2 g (corresponding to the formula Na^SPs-SHp). The gram- 
equivalent of iodine is equal to the gram-atom of iodine (126-9 g) because 
each atom gains an electron when reduced to an I~ ion. 

When a Na.S.O^ solution is titrated with iodine solution the characteris- 
tic dark brown colour of the iodine vanishes instantly. When all the Na^SPa 
has been oxidised one excess drop of iodine solution colours the liquid a pale 
yellow. Therefore, as in the permanganate method (§ 82), it is possible 
to perform such titrations without an indicator. However, the colour due 
to iodine at the end point is faint and this makes determination of the 
equivalence point difficult. It is therefore much more convenient to use a 
seiuiiive reagent for iodine as indicator; namely, starch solution, which 
forms an intense blue adsorption compound with iodine. In titration in 
presence of starch solution the end point is determined from the appearance 
of a permanent blue colour on addition of one excess drop of iodine. It 
is also possible to titrate iodine solution with thiosulphate until one drop 

• In struclurul form, ihc reaction may be represented as follows: 


0 

/ONa 

's^ 

0 /ONa 

0 

Na 

^l,. - 2 NaI - 1 

0 

Na 

/ 

0 S 


S' 

*s 

0 

^ONa 

0 ^ ^ONa 


2 iiHtiecules uf Na5S503 I molecule of Na^S^Oc 
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21 - r2H 


---21 -! 2 H 


2H 


of the latter decolorises ‘hj whervery'l.u'le Mnc r“ 

must be added at the very end f (straw-yellow) colour. If the 

and the solution being ^'^rat^d j, .odine in solution, the large 

starch is added earlier, when ih farmed reacts slowly with the 

s »9£S“ 

the normality and titre of the P ^ calculated from known 

normality and titre of an iodine o uuon can 

normality or titre ^ „„a51e of reducing 1 . to 1 ions are 

Various other reducing agen P H.SO,. H.AsOa and HSbOj, 

determined similarly. They me u e ^ Fauatio'ns for the reactions taking 
free H,S. SnCl, subsunc . E.u a. om 

place when such substances arc tnrai 
iEoi,i2i- = -^0-54vr: 

SO3--+I. + HP - SO., 

(-1-0-22 v) 

AS03--- + IH HP = AsOr 

(+0-57 V) 

H.S + I. = i S r2I ■ 

{— 0-5Iv) 

Sn-'^+l-:=Sn-^+"+ 2 !- 

( i 0-15 V) 

^ Aornts Since reducing agents are determined 

Determination of ^ 1, seems natural to expect that for dcler- 

by titration with 'odme solu 1 reduction by I ' ions, a K 1 solution 

mination of oxidising agent , jj, reality this titration cannot be 

should be used f’®*' ihie 10 detect the equivalence point. When 
performed because I* ‘‘^'P ■ .jtrated with Kl solution the end of the 

an oxidant, such as K^jCr^ 

"""k Cr O T 6 KI I 14 HC 1 = 31, 4 SKCl £ 2 CrCM 7 H ,0 
K.,t-.r 2 W 7 -r wrw* ^4 0 54 v) 

hv I cessation of iodine liberation. Obviously this 
would be characterised by ‘ oointed out earlier, when starch is used 

point cannot be ^ instant when I, appears in solution (blue 

as indicator It is ^ . J it disappears (disappearance of blue colour). 

rrn;\rins:rnrwVen I, formation 

^^ction bcKv^n AsO ' ^ a.d t. proceeds as indicued only . H ^ ions are 

removed by addition of NaHCOs IP-^ respective reduemg agents. 

•• The numbers in brackets 41 
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Therefore, an indirect substitution method is used in such cases. To a 
mixture of potassium iodide and acid solutions (both taken in excess) 
there is added an exact volume, measured out with a pipette, of the oxidant 
to be determined,* for example, K.,Cr 207 solution. 

To complete the reaction (see the above equation) the solution is left 
to stand for about 5 minutes, and the liberated iodine is then titrated with 
thiosulphate. It is evident that the number of gram-equivalents of thiosul- 
phate taken is equal to the number of gram-equivalents of iodine, and the 
latter is equal to the number of gram-equivalents of the oxidising agent 
(KXr.p,). Therefore, although in this determination KaCfaO- and NajSaOs 
do^not react directly with each other, nevertheless their respective amounts 
are equivalent,** Accordingly, the usual formula can be used for the cal- 
culation: 

l^KjCrjO, ^KsCr-O, = l^NajSjO, A^NajS.O, 

lodometric determination of oxidising agents can be schematically 
represented as follows: 

(a) K 1 -f acid (excess in flask) -j- oxidant to be determined, pipetted 
out (or weighed) — liberation of I, (on standing); 

(b) U + 2 Na 2 S .03 - 2NaI + NuiS/On (titration of iodine with thiosulphate). 

If H ^ ions are not involved in the reaction between the oxidant and 

Kl, acidification of the solution at stage (a) is superfluous. 

Many oxidising agents capable of oxidising 1“ ions to I 2 can be deter- 
mined iodometrically by this procedure. They include Ch, Br^, KMnO^, 
KCIO 3 , bleaching powder (CaOCU), salts of HNO,, hydrogen peroxide, 
ferric salts, cupric salts, etc. 

Equations for the reactions on which these determinations are based are 
given below.*** 

Br. 21 - = 2Br " -f 1. 

(4 107 V) (-40-54 v) 

2MnO,--‘ 101 --rlhH = 5I,.+2Mn+ 

( V) 

CIO, -r 61 -^ 6 H+ = 3 I..-fCl-*f 3 H 20 

( • !-44 V) 

2NO. -41 4 4H+ = 21.4’ 1 2NO 4 2HoO 
( - o n V) 

H .O.- 21-4 2H-*- = I .4 2 H 2 O 
( - I'so' V) 

2 Fe-" + + 4-21- = I. - 2F+ + 


• Or a weighed sample dissolved in any suitable volume of water (by the method of 
separate samples). 

•* [>ireet titration of thiosulphate with dichromate is not used because the course 
of the reaction is then complex, with formation of several products. Moreo^er, such a 
sensitive indicator as starch could not be used in this titration. 

Values of Zr„ of the oxidising agents and of the system I-/2I” arc given in brackets. 
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r A Me In addition to the above determinations of 
Determination of Acids. In i^xHometric method is also used for 

reducing and oxidising agents the icd^^ 

determination of acids, based o ,, , lu r» 

KIO3 i'5K.I I 6HCI = 6KC1 r31.--3Hp 


or 


TO 4-51 “ ^ 

, . ( + 0-34 V) 

(4-1-19 V) 


The equation shows that iodine is titrated 

equivalent quantity of free lod ^ ^ of the acid solution are 

with thiosulphate and the _non.amy and 

calculated from ‘he ' i„d<,mciric method of volumetric analysts 

It is evident from all this that ° , advantage is the high preasmn 

has very exlenstve of the indicator used (starch solutton). 

which is due to the great 4 ";j '''‘^„“„,|,iohcanbedetectcdatroomtemper- 

The lowest concentrattonol free mdmc vvim^^^^^^ 1 x 10 » and 2 x 10 -= N 

alure by the starch-iodmc rc ^ or more) 

provided that the solutton ‘ paction is less sensittve. 

ofl-ions. In absence of todtdc _ _^^ I ,,0 remembered 

Conditions for -‘Ivs'ctit is not high, and therefore many todo- 

that the potenttal of the L/21 y completion; only tf suttable 

metric reactions are reversi proceed practically to the end. 
conditions are P''°'''b'=b ‘1" they P conducied in the coid. Thts is 

2. Since iodine is volatile, ,.mrch as indicator dirrimishes 

also necessary because J"" J,|uiion turned blue by a single drop of 

iodine is heated, the blue coiou 

the colour returns. performed in strongly alkaline solutions, 

3. lodometric titrations equation 

because iodine reacts with alkalis m 

1 -f-2NaOH = NalO l-NaI-1 Hp 


or 


I,, + 20H- = lO ' ( I -1 H 2 O 
' • MO - ions) is inadmissible, because it is a 

The presence partially oxidises thiosulphate lo sulphate: 

sponger oxidant than f.^and p^^ y^ ,, - + H.O 

The higher :h:OH^ .nco.e—^;—;‘"^ 

is converted into sulpha . _ ^ therefore be taken that the 

analytical result j o 

solution pH does ^mation of H ^ ions, they must be removed 
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direction; this is done by addition of NaHC 03 , which reacts as follows: 

HCO 3 -+H+ = HXO 3 = H 2 O+ t CO 2 

The solution becomes very slightly alkaline (pH pa 8 ), but this does 
not interfere with the titration. 

4. Since the solubility of iodine in water is low, a considerable excess 
of KI must be used in iodometric determinations of oxidising agents. 
The iodine liberated by the reaction then dissolves by forming the unstable 
complex salt KHj] with KI: 

KI+I 2 - K[l 3 ] or I- + [I 3 ]- 

Formation of this compound does not interfere with titration of iodine 
with thiosulphate, because the solution contains sufficient iodine owing 
to the reversible character of the above reaction. Subsequently, as free iodine 
is used up in the reaction with thiosulphate, the equilibrium between I, 
and [I 3 ] ions is disturbed and more I., is dissolved. 

Moreover, an excess of KI accelerates the reaction between 1“ ions 
and the oxidant and makes it go more completely in the desired direction. 

In cases where H ^ ions are consumed in the reaction increase of solution 
acidity has a similar effect. 

5. Despite the use of large amounts of KI and acid, the rate of the reaction 
between the oxidant and I~ ions is usually too low. Therefore, some time 
is generally allowed to elapse after addition of the oxidant before the liber- 
ated iodine is titrated. 

6 . When the reaction mixture is left to stand before the start of the titra- 
tion it is kept in a dark place, because light accelerates the side reaction in 
which 1 ■ ions arc oxidised to by atmospheric oxygen: 

41 ■ ■ 4H - - 0 . = 2I.-f2H,0 

§ 96. I^rcparation of Standard Solutions 

Thiosulphate Solution. The high sensitivity of the iodine-starch reaction 
ensures a quite distinct blue colour in 50 ml of solution with one drop of 
001 N iodine solution. Accordingly, it is possible to use 0-02 N rather 
than 01 N standard iodine and thiosulphate solutions. It is known (p. 176) 
that the drop error in titration diminishes with decreasing concentration 
of the standard solutions. Moreover, in this case the saving of such relatively 
costly reagents as KI and l.^ is also important. 

Sodium thiosulphate, NaoSXj- SHX, is a crystalline substance. Although 
it can be obtained chemically pure under the appropriate conditions, standard 
thiosulphate solutions cannot be prepared by exact weighing, because 
thiosulphate docs not conform to the requirements for primary standards 
(p. 189). It is a relatively unstable compound; for example, it reacts with 
carbonic acid dissolved in water as follows: 

Na.SPj-rHXOj = NaHCOa + NaHSOad* i S 
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*. . „.«n. .h. f 

... .r ~A«. 

yields two gram-equivalents of 

The following is ^'''dent from tlns^ 

(a) It is pointless to weigh but about 10 days 

(b) The solution must ^ boUed and cooled distilled water is 

after preparation. However, if f JLiuiion is added to stabilise the tiire, 
used and 0-1 g of Na.CO;, jl ^ day after preparation. The Na^S.O^ 

the solution may be standard.^ CO , by a tube containing 

solution must be kept m P NaOH solutions (for example, 

soda lime or Ascariie, m the same way 

see Figs. 31, a and 55). . ^ aradually decreases, so that it must 

Subsequently the tiire of Na,S,U, .ran 

be checked to the following causes; 

The decrease of the tiu hcric oxygen**: 

1. Oxidation of Na.S.U, oy y 

2Na..S,03 ^-0i = 2Na,S0, h ■ - 

. c hv the action of microorganisms (ihio- 

2. Decomposition instability of thiosulphate solutions 

bacteria); this is the mam cause of the m 1 ,^ f 

To prevent this ’.identic The solution should also be effec- 

solution may be added as the growth of these bacteria, 

lively protected from ^"iJjosulphate solution on the value of it 

Base your „ „d the required normality (about 0 0_). a 

gram-equivalent (248'2 g) discussed above, 

take into account all the P«'‘ ^ solution is described in § 97 

Standardisation of solution may be prepared either by exact 

Iodine Solution. Standard lo ^^^ commercial iodine 

weighing of chemically pure y standardised against standa 

In the latter case the soiuiioi 

‘'’l““u'’s'’:onsrd'e“"bo" h these -chods^ 

'freP.ion , t “ ddofme, ™r!o* compounds of .odine wdh 

Commercial iodine contai 1 J hygroscopic moisture. Th 

other halogens, such as based is that the vapour pressure ot 

principle on which its punf a^ atmospheric pressure at a temperature 
solid iodine becomes ^ ^ when solid iodine is healed it passes 

below its melting nielting, and the vapour condenses m the 

into the vapour state 


-.K H+ ions of the carbonic acid; 

CO, -- ions combine wid. H 

* H + TCOs' =HCOs 


• u catalytically accelerated by traces of Cu 
This reaction is cataiyi / 


+ ’ ions. 
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form of crystals on the colder parts of the vessel. This vaporisation of 
a solid without formation of a liquid phase is known as sublimation. 

Before iodine can be purified by sublimation, the impurities in it must 
be converted into non-volatile substances. For this, commercial iodine is 
ground in a jasper or agate mortar* with KI and CaO. Calcium oxide 
absorbs water and forms CafOH)^, while KI reacts with iodine halides to 
form free iodine and non-volatile salts, e.g.; 

ICl + KI = KCl + L 


IBr + Kl = KBr4-I. 
etc. 

A mixture of commercial iodine with KI and CaO is put in a perfectly 
dry beaker which is covered by a round-bottomed flask filled with cold water, 
and is warmed cautiously on a hot-plate. From time to time the iodine crys- 
tals deposited on the cold flask are transferred by means of a glass rod to 
a previously weighed watch glass, which is weighed on a technical balance. 
The sublimation is continued until enough sublimed iodine has been obtained 
for preparation of the solution. In this case 250 ml of 0 02 N iodine 
solution is sufficient. Since the gram-equivalent of iodine is equal to the 
gram-atom. 126-9 g. the amount required is 

nwi — ^ 0-6 g I., 


When preparing the iodine solution, remember that iodine is volatile 
and that its vapour poisons the laboratory air and corrodes the metal 
parts of instruments. Therefore, all operations involving the handling and 
sublimation of iodine, etc., must be performed in the fume cupboard. 

ance. especially, must be protected against the action 
of iodine \apour. hi no circumstances may iodine be brought into the weighing 
room in open vessels or weighed in open vessels on analytical balances. 

As already staled, the solubility of iodine in water is very low; it is there- 
lore dissolved in concentrated solutions of KI, with which it forms a soluble 
red-bro\Mi complex compound: 

L ‘ KI - K[l3l 


At least three limes as much KI as iodine by weight should be taken to 
ensure eas\ and quick dissolution. Moreover, the volatility of iodine must 
be taken into account when it is weighed. It is best to weigh iodine in dis- 
solved form, as iodine solutions in KI are less volatile. 

To do this, proceed as follows. First weigh out on the technical balance 
about 2-3 g of crystalline KI in a weighing bottle and dissolve it in the 
minimum quantity of water. When the solution has reached the temperature 


*■ PorLclain mortars arc unsuitable for this purpose, as their rough walls retain consid- 
crjhto ainouiUs of iodine. 
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of the surroundings (heat is orthe^'anatyhca^balanL. 

mg bottle with its hd and weig o-6o)ofs^ublinied iodine from a watch 
Now transfer the required amou .o^ solution (this opera- 

glass into the weighing bottle wiin p . with the lid. and 

tion is performed in between the two weighings 

weigh the bottle accurately -iously agitate the solution in the 

gives the weight of jod.ne dissolve completely* 

stoppered weighing boUle u^r ^ ^50 ml measuring flask, 

and then pour the solution thro funnel carefully into 

Rinse the residual iodine from th the flask with 

this flask, make the solution up o the . 

a glass stopper, and ^f solution in the usual way (§ 55). 

Calculate the titre and norm. commercial (Unpurified) Iodine. The 
Preparation of the Solution fnm unpurified iodine is the same, 

method for preparing the ‘ ^f ii,e iodine is omitted and about 

the only difference being that si^ weighed out directly on the technical 
0-6-0-7 g of commercial 'r>a«nc i t di^soKed in the minimum 

balance. At the same time about - g solution; when the 

volume of water. The water to 250 ml. It is stand- 

iodine has dissolved. the solution IS di^ 

ardised against thiosulphate as e. ^uirch solution, about 0 5 g of 

Starch Solution. For out and mixed thoroughly with a 

the so-called “soluble starch 1 ^d into 100 ml of boiling water, 

few ml of cold water. 1 he pa^ (uniil it becomes clear) and t illered 

which is then boiled for ^ allowed to settle to the bottom 

while hot. Alternatively, the s ij^^ujd is then used in 

of the vessel and only the uppsr laye 1 

titrations. starch solutions are excellent nutrient media 

h must be remembered that s deteriorate rapidly. A more stable starch 
for microorganisms and * ^ams of Hgl, is added to it (at the lime 

solution is obtained if ^ 

of preparation). hv '>-3 ml of starch solution with a drop 

A blue colour should be give y - If the colour is not blue 

of 002 N iodine solution , . deteriorated and is unsuitable tor 

but violet or brownish, t le s 
use as indicator. 

g 97. standardisation of Na.S.O^ Solution 

tqrds have been proposed for standardisation 
Numerous primary . chemically pure iodine, potassium iodatc 

of NajSijOa; they include potassium fcrricyanide K3|Fe(CN)J, 

KlOg, potassium ^ ^ eJ’u is possible also to standardise Na.S.O;, 

potassium dichromatc KXr.,0„ etc. P 

. K ;7dine docs not dissolve completely, a little more K1 m.y be added. 
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with the aid of standard KMn 04 solution. This method is interesting 
because it links the iodometric and the permanganate methods. However, 
it is less accurate (see p. 344). Potassium dichromate, KiCr.O,, is most 
often used in practice. 

It was staled earlier (p. 337) that chemically pure potassium dichromate, 
corresponding exactly to its chemical formula, can be obtained by recrys- 
tallisation from water and drying at 200° C. It is also very stable, both in the 
solid state and in solution. The only disadvantages of dichromate are the 
relatively small gram-equivalent and the formation of Cr+ + ions, which 
make determination of the equivalence point difTicult because of their green 
colour, in the reaction. The solution is greatly diluted with water before 
titration in order to weaken this colour. 

Although K.CrnOy, in accordance with its higher oxidation potential 
(£,, = 4-1-36 v), can oxidise (Eq = +0*1 v) directly, the course 

of the reaction is complex and it cannot be represented by a single equation. 
Therefore, standardisation of NaaSjOj is based on the general principle 
of iodometric determination of oxidising agents. First, an exactly measured 
volume of standard KXr^O, solution is added to a mixture of KI and 
H.SOj. The dichromate is then replaced by an equivalent amount of free 
elemental iodine, which is titrated with the thiosulphate solution to be 
standardised. The equations for these reactions are given on pp. 342-43. 

Preparation of Standard KjCrgOj Solution. Since the K 2 Cr 207 molecule 
gains 6 electrons in the reaction with KI, the gram-equivalent of 
dichromalc is: 

g-eq of K,.Cr,.0, = M:6 = 49 03 g 

From the gram-equivalent it is easy to calculate the weight of potassium 
dichromalc which should be taken for 250 ml of an approximately 0’02 N 
solution. 

Weigh the K^Cr^On accurately on an analytical balance by the usual 
method, transfer it quantitatively into a 250 ml measuring flask, make 
it up to the mark with water, and mix thoroughly. Calculate the normality 
of the solution. 

Titration. Fill the burette with the NaoS^Oj solution and adjust the liquid 
level to the zero mark. 

Pul 5-7 ml of 20 ”., KI solution and 10-15 ml of 2 N H.SO., (from a 
measuring cylinder) into a large conical flask.* Add an aliquot portion 

• A preliminary experiment must be performed to make sure that elemental iodine 
is not liberated when the KI and H.SO4 solutions arc mixed. Iodine is liberated if the 
KI contains KIOj as an impurity, when the solution turns brown (or yellow). If this 
happens, mix the required amounts of KI and HjSO, in a separate beaker or flask and 
reduce the liberated iodine by very careful addition of solution until the colour 

disappears after addition of a single drop. The slightest e.xcess o/Na.S;03 must be care- 
fully avoided, because it would give rise to an erroneous (low) result in the subsequent 
titration. The volume of NajS.Os used in this operation is, of course, disregarded in the 
calculation. 
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grx.’iS; ;SE rs;,-£ =s 

Add about 200 ml of water and titrate the colution has changed 

first titrate without indicator. Wjien the ° about 5 ml of starch 

from dark brown to pale yellowish (straw^ single drop of Na-.S.Oj solution 
solution and continue the ^ last drops of thiosulphate 

changes the blue colour to pale e,re • Hivinc taken the reading. 

slowly, stirring the solution thorough of^standard KXr.O, 

?oThe “so°mio^n,tn;^^ no. bce^n overmra.cd, a s.able blue colour 

^'’°Repea?tr :«ura.e .i.ra.ion .wice .uore, Talce .he average of .he concur- 

dant results (difference not over m k interact directly 

Calculation. Although ^d equivalent (p. 344). 

in this determination, nevertheless their quanuu 

Using the formula 

■Y, y, = ^"-1 

1 - f thn iliiosulohate solution from the known normal- 
calculate the normality of the ^ . solutions used. 

ity of the dichromate and the ^ ^ exact weighing of chemically 

If a standard iodine ^ laboratory, it is useful to check the 

pure iodine (p. 347) is sodium thiosulphate solution. For this, a 

value found for the titre of • ,;.rmed with the thiosulphate solution. 

measured volume of iodine soluti Na .SA by the latter method 

Of course, it is possible to sian ^ in the two standardisa- 

alone, but this is less convenient, because 

tions would be additive. thiosulnhalc solution is available, it is 

It is evident that, if a j.^ to determine the chromium 

possible to solve the reverse p Since the CrO. ““ ion forms prccip- 

content ofa given dichromate so u ' .| j also be used for volumetric 

ita.es with and ;om, .Im mcOtod^can^^ 

Tcii:cioei,"fcr.h 

in the solution is determine y volumetric determination ofsul- 

Theiodometric method is also^u^^^ with excess of a 

Ey?roehTot“acid Solution of BaCrO,. which reacts with Na,30.: 

Na.SO, + BaCrOi = i BaSO^+Na-CrOi 

with alkali to remove excess BaCrO, (which 

The solution is . insoluble in water); the precipitate (BaSOj + 

is soluble in strong acids but is insoiuoic 
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+ BaCrO.,)is filtered off and washed. The NajCrO., in the filtrate and 
washings is determined iodometrically. Since the amount of Na-^CrOi is 
equivalent to the amount of in the portion of solution taken for 

analysis, it is easy to calculate the 804“ “ ion content of the solution. 


§ 98. Determination ef Active Chlorine in Bleaching Powder 

Bleaching powder is a mixture the most important constituent of which 
is the double salt Ca(OCl .) • CaCl->. Its formula is more conveniently written 
as CaCl(OCl) or CaOCL. In addition to this salt, bleaching powder contains 
a considerable amount of lime and small amounts of Ca(CI03)2 and CaCU. 

Elemental chlorine is liberated by the action of acids on bleaching 
powder: 

CaCl{OCl)+2HCl = CaCL+H.O+CUt 

This “active chlorine” content is a measure of the quality of bleaching 
powder. 

The determination of active chlorine is based on the following reaction: 


CaCl(OCl)-f2KI+2HCl = L + 2KCl+CaCl.+H,0 


The iodine liberated (the amount of which is equivalent to the amount 
of active chlorine in the bleaching powder) is titrated with thiosulphate 
in presence of starch. Accurate results cannot be obtained by determination 
of active chlorine in an aqueous extract of bleaching powder, because lime 
strongly adsorbs certain chlorine compounds. A suspension must therefore 
be used. 

Procedure. Weigh out 0'4-0-6 g of bleaching powder in a stoppered 
weighing bottle on an analytical balance. Grind the sample thoroughly 
with 5 ml of water in a mortar with a pouring lip and transfer the suspension 
quantitatively through a funnel into a 250 ml measuring flask. Carefully 
rinse the remaining suspension from the pestle, mortar, and funnel into 
the same flask. Make up the contents of the flask to the mark with water 
and shake the flask thoroughly. Immediately, before the particles have 
settled, pipette out 25‘00 ml of the suspension into a titration flask and 
add 5-7 ml of 20‘’'o K1 solution and 20 ml of 4 N HCl solution. Titrate 
the liberated iodine with thiosulphate solution in the usual way, adding 
starch solution (5 ml) at the very end of the titration. Repeat the deter- 
mination two or three times more, remembering to shake the suspension 
thoroughly before taking each aliquot portion for analysis. 

Take the average of the concordant readings. 

Calculation. First calculate the chlorine titre of the thiosulphate. For 
example, if the normality of the Na2S2O3is0‘02l06, then 1 ml of this solution 


contains ^ gram-equivalent of sodium thiosulphate, 
1 .uuo 


which corre- 


sponds to the same number of gram-equivalents of I2 and CF. 


Since the 


I 
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gram-equivalent of chlorine is the same as its gram-atom, 3546 g, we can 
write: 

_ 0 02106 X 35-46 _ n nnn7466 of chlorine per I ml 

TNa*S,0,/Cl — j;ooo 

Now calculate the number of ‘'’‘^50 ’’rn'i* of rh'e“sus"- 

required for titration of q by its chlorine litre, and so 

rr th^chrlLfcoment o 7 !he sample fiWt in grams and then as a percent- 


age 


§ 99. Determination of Copper in Copper Sulphate 


♦ ^rti-iiirAtions of iodom^^try is in volumetric 
deSrnl^o: Xo^^c wideiy^Ssed in analysis of alloys, ores, etc. This 
determination is based on the reaction. 


2Cu 




t. tK-it PTch Cu"^ ion gains an electron from the 1 
The equation shows is^then precipitated in the form 

ions and is reduced to a Cu . .-j p„i (solubility product =« 10“^-). 
of the sparingly soluble '“f^^J^of copper^'^ad CuSO. ■ 5H,0 

Therefore, the oxidation ^ ,^ 3.54 g ^u) and the gram-molecule 

in this case are equal to the gram-atom (b 3 D 4 g ; 

(249-7 g CuSO, -SH.O) ^f^P“"'f^^-po,cntials of the systems Cu + -"/Cu + 
( 7 o“r/l'’/Vl‘-"(+ 0-54 vi might suggest that the reaction should 

proceed in the reverse ^'rcction discrepancy between the 

As was explained in values of the standard oxidation 

course of the reaction is due to the low solubility 

potentials and the actual C jhc reduced form in solution, i.e., 

^^u^tn?is 1 ^:."r=J- PO-- of the Cu-/Cu^ sys.em 

^ 7 + -"conccnualion and the higher the oxidation potential of 

the CU++/CU+ system. reaction, it is helpful to have 

Although H + 10 ns do n f^ppress hydrolysis of cupric salts, which 

a faintly acid solution m or Cu /Cu ■*" system and slows down 

lowers the oxidation potential of the Cu y 

the reaction. . CuSOa • 5H.O on the analytical balance 

Procedure. Weigh ^^s^imion when dissolved in a 250 ml mcasur- 

to give an appr°>‘™"‘='>'““l^ been dissolved acidify it with 15 ml of 2 N 
ing flask. After the samp ° ^ ,he mark, and mix thoroughly. 

CH 3 COOH solution, make the soiuuu y 

23 — 6001 . 
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Measure out 15 ml of 20% KI solution from a measuring cylinder into 
a titration flask, add an aliquot portion (25'00 ml) of the CUSO4 solution, 
cover the flask with a watch glass, and leave it in the dark for about 5 minutes 
to complete the reaction. Now titrate it with NaiSjO^ solution, adding 
starch (5 ml) as before, at the very end of the reaction, when the solution 
with its suspended precipitate has a straw colour. Titrate until the blue 
colour disappears on addition of a single drop of Na^S^Os and does not 
return after several minutes (the Cul precipitate suspended in the liquid 
is the colour of ivory at the end point*). Repeat the accurate titration two 
or three times and take the average of the concordant results. 

Calculation. Having found the normality of the CUSO4 solution, calculate 
the number of gram-equivalents of the salt, and therefore of copper, present 
in the sample (i.e., in 250 ml of solution). Since the gram-equivalent of 
copper is 63 54 g, it is easy to find the number of grams of copper and its 
percentage content in the sample. If the recrystallised salt was taken for 
analysis, calculate the theoretical percentage of Cu in CuS0,,*5H20 and 
compare it with your result. 

§ 100. Determination of Arsenic in Sodium Arsenite Solution 

As an example of iodometric determination of reducing agents, let us 
consider the determination of arsenic in a solution of sodium arsenite, 
NagAsOa. 

This determination is based on the reaction 

NajAsOa+Ij + H^O ^ Na 3 As 04 + 2 HI 
or 

AsOa +Ia + Hp ^ AsO* +2I"+2H + 

It was already pointed out in § 79 that in accordance with the standard 

oxidation potentials of the systems ASO4 /AsOj (+0-57 v) 

and \J2\~ (-^0’54 v) this reaction tends to go in the reverse direction. 
To make it go fully enough in the desired direction it is necessary to remove 
tlie H ions formed. In this case alkali or NajCOg cannot be added 
(p. 345), and therefore the reaction is conducted in presence of excess NaHCOg, 
which gives pH 8 in the solution. 

In addition, it must be remembered that Na3As03 solution is usually 
prepared by dissolution of As.O^ in NaOH 

As.Oa+bNaOH = 2Na3As03+3H20 

and therefore it contains free alkali. Obviously, the latter must first be neutral- 
ised with acid. 


• To make sure that the solution is not overtitrated, take the burette reading and 
then add a drop of the CuSO^ solution. A permanent blue colour should then appear. 
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Preparation and Standardisation of Iodine Solution. In this determ.nat.on 
the solution to be analysed has to be titrated with iodine: therefore prepare 
250 ml of approximately 0 02 N iodine solution (p. 347). If the solf >on 
is prepared lom commercial (unpurified) iodine (p. 349 , it must firs be 
standardised For the standardisation, put the prepared iodine solution 
mm a "umtte svUh a glass tap.* Measure out 25 00 ml of standar 
solution with a pipette (or burette) into a conical flask, add 1-2 ml of starch 
solution, and thrate with iodine solution until a single drop produces a 

RLm^thelrtmtion once or twice more and take the average of the con- 
corda^nt reading. Calculate the normality of the iodine solution from the 

'‘ToceSr m NarAsofsolution into a 250 ml measuring flask. 
Procedure, rui 3 3 - distilled water, and neutralise 

f “hb* 2 N H SO '“o'luttn 'in prince of Uvo or three drops of phenol- 
It With drop by drop until the pink colour disappears, 

phthalem. Add NaHCOn^into the flask and dissolve it. stirring but 

Now put 4-5 g of solid Nalit-Ua ^ 

not heating the solution If “"J, ^ 50 . drop by drop until 

rh:To“uf vaniS Now'dilute the liquid whh water up to the mark 
and mix it / 25.00 ml) of the arsenite solution by means 

of a specia P'P^* ^ ^jyreh solution. Titrate the solution 

a comcal flask and add 1 ^ Repeat the 

:‘t:?c^"traUon oTct r^wi^ce more and take the average of the con- 
cordant results. 

. snr'r. in this determination may be reversed. In oihcr words, 
Note. The titration ^ a and the burette filled with Na,AsO, 

the iodine solution mis case the starch must, of course, be 

solution prepared as the titration. This procedure is more convenient if 

added as usual at the very end solution from entering the 

pipettes with ,ans arc not available in the laboratory. Of course. 

Tthis'e^Lme “dinc solSlion nwsl be standardised in the same way, by titrauon w„h 

NajSjOj solution. 

. I Find the normality of the Na.AsO, solution and its arsenic 
Calculation. Fin inetLd. Remember that since tnvalcnt arsenic 

“oxISucdmtTtc quinquivalent state in the rcact.on, yielding two electrons. 

the gram-equivalent of arsenic is 

g-eq As = = 37-46 g 

~ 7 h.ircite may also be used, but this is less advisable, because iodine 

auacks"rubt"r m any event, the iodine solution nrust be run out of the burette imme- 

diatcly after use. 

23 « 
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§ 101. Determination of Sodium Sulphite 


As our second example of the iodometric determination of reducing 
agents, let us determine the Na>S 03 content of commercial sodium 
sulphite, NajSOj • 7H.p. This determination is based on the reaction 

Na.SOj-f-Ii+H.O = Na 2 S 04 -f 2 HI 

It might seem that in this case too Na.SOa solution should be titrated 
with iodine solution. However, it is found in practice that, as in a number 
of similar cases, such direct titration gives very inaccurate results. The 
reason is that the reaction of iodine with most reducing agents is relatively 
slow, especially near the end of the titration, when the concentration of the 
reducing agent is very low. As a result, the iodine which has not yet reacted 
with the reducing agent colours the starch before the equivalence point has 
been reached and the result of the determination is therefore too low. 
Partial oxidation of the reducing agent by atmospheric oxygen during 
the titration contributes to this effect. These complications are avoided by 
back-t!tration. The reducing agent (Na.SOg in this case) is first treated 
with an exact volume, known to be in excess, of standard iodine solution, 
and excess iodine is then titrated with thiosulphate. 

Procedure. Weigh out accurately a sample of NajSOs • 7 H 2 O to give an 
approximately 0 02 N solution when dissolved in 250 ml. Remember that 
during the reaction the SO3" ~ ion is oxidised as follows: 

SO 3 “ - f H . 0 — 2 e = SO, - - -f 2 H + 

Transfer the sample quantitatively into a 250 ml measuring flask, dissolve 
it, dilute the solution with water to the mark, and mix thoroughly. Pipette 
out 25 00 ml of the solution and add an exactly measured volume (40- 
50 ml) of standard iodine solution (sec p. 179) by means of a burette (or 
pipette). After a few minute.s titrate the excess iodine with thiosulphate 
solution. Repeat the accurate titration at least twice. Take the average of 
the concordant readings. 

Calculation. Suppose that after addition of 40'00 ml of 0 01986 N iodine 
solution to 25 00 ml of the sulphite solution (from the sample dissolved in 
250 ml) an average of 15 80 ml of 0 02115 N Na.SPs solution was re- 
quired for the baek-litraiion. First we calculate the volume (K) of iodine 
solution corresponding to the 15’80 ml ot Na 2 S »03 solution taken for the 
titration: 

y X 0*01986 = 15-80X002115 

and hence 



l.S-80 <002115 
“ boi986 


= 16*83 ml 


Therefore, of the 40*00 ml of iodine solution added, the volume taken 
in the reaction with Na^SO^ was 40 00 — 16*83 = 23*17 ml. Use this result 



§ 102. General Principles of the Method 
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to calculate the normality of the Na.SO, solution, the weight of sodium 

in exactly the same way^ i"„,"rad°duln ^f' fodt- ^o^u^ro^ and the 
ru^hu;\"n the form'’of a f.ne suspension. This does not influence 
the results of the determinations. 


bromatometry 

§ 102. General Principles of the Method 

the nxidimctric methods, based on oxidation 
Bromatometry IS one of ^ _ 7n these reactions bromate is reduced 

reactions of the bromate ion, BrOg . m tnese 

,0 bromide: Br- + 3Hp 

This equation shows that one gram-equivalent of KBrO, used as the 
reagent is Ve of its gram-molecule, i.e., 

g-eq lCBr 03 = = 27-84 g 

■r^A hf'nuse ions are involved in the con- 
An acid solution is required, because « 

version of BrOa" into Br ^ oxidation potential of the system 

ing agent. in nxidation by the action of bromate is 

Despite ‘his, tiK reacuon . perforn.ed in heated 

not high enough, lo acccitiui^. 

and strongly acid solutions. reduced to Br" ions during the titra- 

tiot ^rsl'LTs'f shrexc- 

ions react with BrOg ions. 

Br03--l5Br--b6H+ = 3Br,-l3HP 

farmed colours the solution a pale yellow. This 
The free bromine ^o fo ^ of the equ.va- 

colour IS very faint " organic dyes are decomposed by free bromine 

lence point. However, cer widely used of such dyes 

and become „„ of the neutralisation method— methyl orange 

are the well-known indica indicators in bromatomctric titra- 

and methyl red-which can also 

tion. . . ^hese substances cannot be classified with 

th^eTox oxidation of redox indicators is a reversible process 
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leading to equilibrium between the two differently coloured forms: 

Indo^+/ie^ Indeed. 

On the other hand, oxidation of methyl orange orraethyl red is an irrevers- 
ible process. This irreversibility must be taken into account in work with 
these indicators, because the colour may disappear (especially if KBrOa 
is added rapidly) before the equivalence point has been reached in the titra- 
tion. Therefore, a few more drops of indicator must be added at the end 
of the titration. In replicate titrations the indicator is added only after 
nearly all the required volume of KBr 03 solution has been added. 

The bromatometric method is especially convenient for determination 
of arsenic and antimony in the trivalent forms; the determination may be 
performed in presence of quadrivalent tin. The bromate method for deter- 
mination of antimony is widely used in analysis of babbitt alloys. It is also 
used for analysis of certain organic compounds. 

It is known that many organic compounds may be brominated by the 
action of free bromine, for e.xample: 

CeH^OH • 3Br,, = C^H.Br^OH^ 3HBr 

phtfnol thbrainophcnol 

Elemental bromine is formed by the reaction between KBrOj and KBr 
in acid solution (see above). Therefore, the amount of organic substance 
brominated can be found from the volume of potassium bromate solution 
required for titration in presence of excess KBr. This type of reaction is 
widely used for determination of cations which are precipitated by hydroxy- 
quinoline .15). The washed precipitate of the hydroxyquinoline complex 
is dissolved in HCl and the liberated hydroxyquinoline is titrated with bromate 
solution in presence of KBr. This method is discussed in detail in § 104 for 
determination of magnesium. 

The standard solution in bromatometry is 01 N KBrO^ solution, which 
can be prepared by accurate weighing of the recrystalliscd salt, dried at 
150-180°C. The weight of the salt required fori litre of exactly 0-1 N solu- 
tion is 2-78.17 g. The salt is recrystalliscd from water, approximately this 
amount is weighed out on the analytical balance, transferred quantitatively 
into a litre measuring flask, dissolved in water and made up to the mark.* 

§ 103. Determination of Antimony in Tartar Emetic 

Tartar emetic is a basic tartrate of trivalent antimony. Its composition 
corresponds to the formula K(SbO)C,HjOc. When a solution of this salt 


• TIk normality of this solution can be checked against standard (approximately 
01 N) Na^;0:,. An exactly measured volume {20 or 25 ml) of KBrOj solution is added 
to a mixtu’rc’of 10-15 ml of 2 N HCl and 5-7 ml of 20“o KI solution, the liquid is left 
to stand for 5 minutes, and the liberated iodine is titrated with thiosulphate with starch 
added near the end of the titration. 



§ 104. Determination of Magnesium in a Solmion of Mg Salt 




is titrated with KBrO, solution m presence of HCI the following reaction 
takes place: ^ 

3 K(SbO)C.H.O„+KBr 03 + 15Ha = 3SbCh,+3KHC.H A+^Br .6H,0 

Since each atom of trivalen. antimony loses two e,ec„ 
and is oxidised to quinquivalent antimony, the gram equ.vai 


IS 


g-eq 


Sb = = 60-88 g 


,K, rihrtnr 4 o of tartar emetic on the analyt- 
Procedure. Weigh out accu atcly ab DUmc an aliquot 

ical balance and dissolve 't -^O ml a' conical flask to 100 ml, 

portion (25-00 ml) » the solution with water in^^ 

add 15 ml of concentrated HCI ( titrate the solution with 

or three drops of methyl ° of the titration, when the colour 

the standard KBrOj a few more drops of indicator and 

of the solution becomes sharply 

continue the titration until - burette a volume of KBrOj 

In the repeated titrauon first jnmlrom^^^_^^^ 

solution which IS less ^ ^houi 70®C, and only then add the 

titration, warm r''Vt'r,i?®.rindicamr is decolorised. 

tpe"- Srexaa'h^arion once or twice more and take the average 

^^^Udon. calculate .he ^i-;. of the KBrO. solution from its 
normality. It is found from the formula. 

NKDrOs^ 

TKDrO,/Sl)= 1,000 

Now calculate the total -oun. of^ntimony in the sample (i.e., in 250 ml 
of solution) and its percentage content. 

f Tv.f ^lonAsium in n Solution of IVIg Sdlt 
§ 104. Determination of Magnesium 

the ovrophosphate, Mg^P^O;, was 
Determination of 'uugnvsi hydroxyquinoline method for 

described in § 45. Let us hod is based on the reaction- 

determination of magnesium. This memo 

M ri +2HfC H NO)+2NH.OH = 1 Mg(C,H,N0),+2NH,Cl+2H,0 

The precipitated magnesium hydroxyquinolinate is filtered off, was , 

and dissolved in hydrochloric acid. o, 

Mg(C.H.NO),+2HCl = 2HC,HoNO + MgCI., 

. The slructural formula of hydroxyquinoline is given on p. 130. 
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The liberated hydroxyquinoline is titrated with KBrOs solution in pres- 
ence of KBr. The following reactions take place: 

KBr03+5KBr-F6HCl = aBrj+eKCl+SHaO 
HC9HQNO+2Br2 = HC9HjBr2NO+2HBr 

d i bromob y dr oxy Q uiaoiiDe 

These equations show that one atom of magnesium is equivalent to two 
molecules of hydroxyquinoline, each of which is equivalent to four bromine 
atoms. Therefore, each magnesium atom is equivalent to eight bromine 
atoms. Then the gram-equivalent of magnesium in this reaction is 

g-eq Mg = = 3-040 g 

Consequently, 1 ml of 01 N KBrOg solution corresponds to 01 mg-eq 
or 0-304 mg of magnesium. 

It follows that even if the titration with KBrOg solution is carried out 
to a precision ofO-lml, this corresponds to determination of magnesium to 
a precision of 0-03 mg, which is considerably higher than the precision 
of the gravimetric determination. In addition to its higher precision, the 
hydroxyquinoline method is more rapid. As was noted earlier {§ 35), one 
very important advantage of hydroxyquinoline as a precipitant for cations 
is the almost complete absence of coprecipitation of impurities. In most 
cases it is easy to obtain pure precipitates by this method. 

This method can be used for determination of magnesium in presence 
of A1 ^ and Fc which are previously converted into their tartrate 
complexes.* It is also possible to determine Mg++ in presence of Ca'*''*’, 
as calcium hydroxyquinolinate is fairly readily soluble in hot ammonia solu- 
tion. However, reprecipitation is required in this case, because a small 
amount of Ca “ is precipitated during the first precipitation. 

The above equations show that magnesium is precipitated by hydroxy- 
quinoline in presence of ammonia, i.e., an alkaline solution is required 

(pH = 9-5-12-7). 

The titration of hydroxyquinoline with potassium bromate is performed 
in the usual way, in presence of methyl orange or methyl red until the indi- 
cator is decolorised, and the usual precautions must be taken (p. 358). 
Alternatively, a certain excess of KBrOa solution may first be added (until 
the solution becomes yellow by the liberation of bromine), followed by a 
small amount of K.I, and the iodine liberated is then titrated with thiosul- 
phate solution in presence of starch. This method, which requires less skill, 
is described below. 

Procedure. To 100-150 ml of solution, containing not more than 0 01 g 
of magnesium, add 1-2 g of NH^Cl and 5-10 ml of NH4OH. If an amor- 


• In such cases NaOH is added to the solution instead of NH^OH. 
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, • • f u fnrmed it must be dissolved by addition 

phous Ylfe^t^^he abTolme^ clear solution to 60-70“ C 

of some more NH^CL of a small excess of alcoholic 

and precipitate the small portions as usual until the 

coloured ammonium ‘"uj^'olution with the precipitate cau- 

At the end of the precipitation heat he P the bottom 

tiously until It juif iesiw to boil, a ^ through a fast paper filter. Wash 

of the beaker, and filter the hot heaker^with hot water until quite 

the precipitate on the .j ; ^ until the washings become quite 

free of added excess hydroxyqumoline. i.c.. um 

colourless, . . . mnonesiurn hvdroxyquinolinate on the 

Dissolve the washed P.‘‘^‘^'^oollecting the solution in the beaker which 
filter in 2 N hydrochloric acid, co precipitate was left. 

was used for the precipitation a filter six or seven times with 

When all the precipitate has the same beaker, and then 

2 N hydrochloric acid, collecting the u askings 

proceed with the titration. ^ dissolved, add 2-3 

Add 1 g of KBr to the , ,he solution with the KBrO, 

drops of methyl orange (or thoroughly. When the solution 

solution, stirring the contents o^ KBrO,, until a distinct yellow colour 

has become colourless, continue bromine Note the burette reading, 

appears, indicating the f/Xr ?-3 minutes titrate the liberated 

add 5 ml of 10% KI a ' ' ulil add starch solution (5 ml) 

iodine with thiosulphate ^ solution has become 

near the end of the titration (sshvn tnc 

straw-yellow). , of o i032 N KBrO^ solution was added 

Calculation. Suppose O’ ^ ^ - solution was taken for titration of the 
and 8-18 ml of 0-02117 N can be calculated in various 

Uberated iodine. The r' c the numbers of milligram-equivalents 

ways. For example, we can calcm fi^^j the number of milli- 

ofKBrO^and Na-.S^ used m the rcau^ 
gram-equivalenls of magnesium by diUeren 

r KRrO =27'30x0-1032 = 2-8174 
Number of mg-cq of KBrUa ^ 

^ .r xio s O, = 8-18 x 002117 = c*1732 

Number of mg'Cq of Na .b.Ua 

^ ..cr^nnds to I mg-eq of NajS.Oa, the reaction 
Since 1 mg-eq of KBrO;, cor P |.^4 __q.i 732 = 2-6442 mg-eq KBrOa. 
with hydroxyqumoline too .... equivalents of magnesium. There- 

= 2-6442 X 3-040 = 8-038 mg = 0-008038 g 
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QUESTIONS AND PROBLEMS 
(on §§ 85-104) 

1. How does oxidation by permanganate in acid solution differ from oxidation in 
alkaline (or neutral) solution, and what is the explanation of the difference? What is 
the gram-equivalent of KMn04 in each of the two cases? 

2. Explain why standard KMnO* solution should not be prepared by exact weighing. 
Why is KMnO* standardised several days after preparation? 

3. Why must precipitated MnO. be separated from permanganate solution, and why 
must the solution be protected from light? 

4. In what respect is sodium oxalate more convenient than oxalic acid as a primary 
standard for KMnOj? 

5. Explain why, during titration of oxalic acid (or oxalate), the first few drops of 
permanganate solution are decolorised slowly but the subsequent loss of colour is 
almost instantaneous. What should be done so that the first few drops of KMnOi should 
also be decolorised instantaneously? 

6. The normality of a permanganate solution is 0 02200. What are its litres for H2C5O4, 
Fc and H2O2? 

Answer: For H.OO4, 00009904 g/ml; for Fe, 0001228 g/ml; for H.O., 
00003741 g/ml. 

7. What is the percentage of iron in a sample of iron wire, if the titration of FeSOi 
solution, formed by dissolving 0'1400 g of the wire in H 2 S 04 without access of air, took 
24-85 ml of O-IOOO N KMnOi solution? 

Answer: 99-15'*;. 

8. A solution formed by dissolving 0-2500 g of iron ore in HCl was titrated by the 
method described in § 88, and took 28 00 ml of 0-09950 N KMnO^ solution. Calcu- 
late the percentage of iron in the ore. 

Answer: 62-24";. 

9. 0-2000 g of an ore containing MnO.. was treated with an excess of a mixture of 
H,C,0, and H .SO,. The volume of o.xalic acid taken was 25 00 ml, and titration of excess 
oxalic acid look 20-00 ml of 0-02000 N KMnO,. Find the percentage of manganese 
in the ore. given that 25-00 ml of the H-CjO, solution is equivalent to 45 00 ml of KMnO*. 

Answer: 6-S7‘';. 

10. 2-0000 g of an ore was dissolved in acid, and the chromium in it was oxidised to 
Cr-O: — by the action of (NH ,);S.Os (write down the reaction equation). After decompo- 
sition of excess (N1-1,)2 SiOh by boiling the solution was transferred to a 100 ml measuring 
flask, cooled, and made up to the mark. For the determination, 20-00 ml of this solution 
was treated with 25 00 ml of FeSO^ solution. Titration of excess FeSO, took 15-00 ml 
of 0-04500 N KMnO,. Find the percentage of chromium in the ore, given that 25-00 
ml of the FeSO, solution is equivalent to 35-00 ml of KMnO^. 

Answer: 3-90%. 

1 1 . Find the weight of calcium in 250-0 ml of CaCl. solution if, after addition of 40-00 ml 
of (NHtl-CoO, solution (0-1000 N) to 25-00 ml of this CaCU solution and separation of 
the precipitated CaCjO^ titration of the residual (NH*)2C204 took 15-00 ml of 0-02000 N 
KMn04 solution. 

Answer: 0-7415 g. 
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should take 20-30 ml of 01 N KMnO, solution. 

Answer: Between 0-23 and 0-34 g. 

13. For determination of mangan^ toTudor{vv[iI^"dl^‘n 
in a neutral ttiedium with perm g 0 02500. Find the weight of 

m^Tan"' in th'etolutiorif^d^ ml of KMnO. solution was taken for the titration. 
Answer: 001730 g. 

,4. For determination of manganese ^ m 

in acid mixture the sol^ion ea e ^ dissoKed was thereby oxidised 

AeNO, as J*'' tSe equat.on). What is the percentage 

to permanganic acid HM^ 04 ( ,hat the titration of the permanganic acid took 

of manganese in the stcei. gi 0 0001510 g/ml? 

12'80 ml of Na,AsOj solution of TNaaAsOj/Mo uuou 

Answer: 0'64%. 

15. For standardisatmn permanganic 

StoeTaTLsc??^^^ ?n Problem 14) took 22-27 ml of the arscn.te solution. Calcu- 
LJe ihe manganese titre of the sodium arscnite. 

Answer: 0 000120 g/ml. , 

. u nf the nermancanatc method for determination of tcrric 

16. What IS the °LucinraSnt^ why must excess stannous chloride be re- 

■TvedJ S ifthTslonU Wh'y‘‘rfno®t'riaye.cess of SnCl= he ased7 ^ 

17 Explain the coupled oxidation of Cl' ions during tUrat, on of Fc- ions »ilh 

17. Explain tne i ^^upicd reaction be prevented? 

’^Ta'Tow are oxidants determined by the permanganate method? Describe the deter- 
” 79 *' ExpWrihy.‘"in deilliL^ of^_^calci>‘n' 'h' Permanganate method, the 
‘^S%Cre“'.he'"7la7e771iran^ “f “iPhromatc and per- 

mangaMte as dichromate method? What is the indicator used 

in this mrh/drwhanrt™ purpLe of adding mixed acids before the titration? 

Ts ^frJissollTd^n^HtUndTiSLrd^ f=a= 

liion'should'^ ?hrS with the number of millilitres of 0 02 N dichroma.e solulion 
equal to the pcrccnugc of Fe,Oj m the ore. 

Answer: 0-1597 g. 

23 What are the advantages of liquid amalgams for reduction? 

24^ What are external indicators? How is Fe^-^ titrated with dichromatc with an 

external indicator? » ,*>1 ^ uu 

What is the principle of the iodometric method? Discuss the system I:/-I with 
regard its position in the table of oxidation potentials and its possible use in 

analysis. 
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26. How are (a) reduciog agents ; (b) oxidising agents; (c) acids determined by the 
iodometric method ? Give examples in illustration. 

27. Explain why only the oxidised and not the reduced forms of the respective systems 
are used in the permanganate and dichromate methods. Why, in contrast to this, are 
both forms used in iodometry? 

28. List the conditions which must be observed in iodometric determinations. 

29. How do NaOH and NajCO, react with iodine solution? Write the equations 
for the reactions. 

30. How may the influence of reversibility of oxidation-reduction reactions be pre- 
vented? Illustrate the answer by the example of the iodometric determination of arsenic. 

31. What is the change in the normality of a thiosulphate solution if 1% of the total 
amount of thiosulphate is decomposed by CO; with formation of NaHSOj? 

Answer: Increase of 1%. 

32. For standardisation of thiosulphate against chemically pure iodine, can acidified 
thiosulphate solution be titrated with iodine? 

33. Explain the direction of the reaction used for iodometric determination of copper. 

34. Why is a large excess of KI used in iodometric determinations of oxidising agents? 

35. For standardisation of sodium thiosulphate solution. 0-1125 g of chemically pure 
copper was weighed out. dissolved, and treated with KI as in iodometric determination 
of copper. The iodine liberated was titrated with the thiosulphate solution; 18-99 ml 
was required. Calculate: (a) the litre of this solution; (b) its titre for Cu; (c) its litre 
for iodine. 

Answer: (a) 0 01473 g/ml; (b) 0 005923 g/ml; (c) 0 01182 g/ml. 

36. Calculate the weight of K-CrjO, which should be taken for standardisation of 
an approximately O' I N Na-S.O; solution if a 200 ml measuring flask and a 10 ml pipette 
arc to be used and it is aimed to use about 25 ml of thiosulphate solution for titration 
of the iodine liberated. 

Answer: About 2 5 g. 

37. Calculate the weight of chlorine in 1 litre of chlorine water if titration of the iodine 
liberated by 25 00 ml of it from KI took 20-10 ml of 0-1100 N thiosulphate solution. 

.•l/n»vcr.- 3-136 g. 

38. 0-2000 g of an ore containing MnO. was treated with excess HCl. The chlorine 
formed by the reaction was distilled off and absorbed in KI solution. Titration of the 
liberated iodine took 42-50 ml of 0 05200 N thiosulphate solution. Calculate the percent- 
age of MnO; in the ore. 

Answer: 4803'’i,. 

3d. For determination of lead. 5-0000 g of an ore was weighed out. The ore was dis- 
soKcd in acid. Pb ' was precipitated as PbCrO^, and the precipitate was filtered off. 
washed, and dissolved in u mixture of HCl and KI (write dowm the reaction equations). 
Tiic iodine liberated in this reaction was titrated with 42-00 ml of 0 05000 N Na;S .03 
solution. C alculate the percentage of lead in the ore. 

.•1/i.Tivcr.- 2-90%. 

40. In iodometric determination of sulphates (p. 351) SO* ions are replaced by 
an equivalent amount of CrO* ions, which are then determined iodomelrically. 
Calculate the amount of NujSO* in a given solution if titration of the iodine liberated 
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• 1 t tr. the SO - - ions took 30-40 ml of 0 01980 
from KI by the CrO, ' " ions equivalent to the S , 

N thiosulphate solution. 

Answer: 002851 g. . ,.ia-tric furnace and 

41. After combustion ^ j^rSorof* thTsO: solution took 3 33 ml of 

absorption in water of the |9: percentage of sulphur in the steel. 

0-01125 N iodine solution. Find the percentage o 

Answer: 0 03%. ml of 0-01960 N iodine solution 

42. For determination of H=S j," “ “'.“n'.^Tiolc took 1 1 00 ml of 0-02040 N 

tvas added to 25 00 ml “J, 'h' 0“ oZ’nt of the solution in grams per litre, 
thiosulphate solution. Find the conien 

Answer: 0-5150 g per ii^re. ueichinc 7-00 g was treated 

43. For determination of conten^Y'Ss^ in a solution containing 

with HCl and the sulphide I 

a mixture of cadmium and zmca^iat-s^^^.^^ Jc p^r^S 

+ ZnS) was then treated with 20 W ml 01 ^ , j^aic solution. *55)^950 

iodine was titrated «.th 15-27 ml of am os P n?i?f thi^ 

of sulphur in the steel, given tha Irnl oMn 10.20 ml of thio- 

g of sulphur and that titration of 10 ou mi 
sulphate solution. 

44nJH'cr.- 0-0363%. hvdrochloric acid solution, given that 

44. Calculate the weight of HO in -50 f of hk iodine liber- 

24-00 ml of 0-02100 N thiosulphate solution KIO3 + KI. 

ated by 25-00 ml of this solution from a mi’s 

y4wH-er; 0-1838 g. „rir method of volumetric analysis? What 

45. Wha. is .he rrfuLd in ihis mc.hod7 Why eanno. ihese 

sniuiinn if li.ra.ion of Ihis soiulion 

.oolf .8«:f o'lO^N KB^O, soiuiion. 

Answer: 0-07238 g. ,o,„,ion: (a) for As,0,l (b) for Sb. 

47. Calculate the litres of 01 1 W 

Answer: (a) 0 005441; (b) 0 00669 E ' acid; the Sb ^ + in the sclu- 

of iodine solution. Calculate the peree 
alloy (Tl/sn- 0-00600 b/^; 

Answer: (a) 14-33%; (b) method? How is the gram-cquiva- 

49. How is magnesium determined 

lent of magnesium calculated if it is determined by precipitation 

50. Wha. is .he iram-eduivalen. o^a umin.um iM 
by hydroxyquinoline. the precipitate being 
with bromate? 

Answer: 2-25 g. 



CHAPTER VIII 

METHODS OF PRECIPITATION AND COMPLEX FORMATION 

§ 105 . General Principles 

The precipitation method is based on titration with the use of reactions 
accompanied by formation of sparingly soluble compounds. Although 
very many such reactions are known, only a few of them can be used in 
volumetric analysis. They must satisfy a number of conditions, namely: 

(a) The precipitate must be practically insoluble. 

(b) The precipitation should be rapid (i.e., formation of supersaturated 
solutions should not have an effect). 

(c) The titration results should not be distorted appreciably by adsorption 
(coprecipitation) effects. 

(d) It must be possible to detect the equivalence point during the titration. 
These conditions restrict severely the range of reactions which are suitable 

for volumetric analysis. The most important methods are those based on 
precipitation of insoluble silver salts in accordance with the equation 

Ag + +X“ = AgX 

where X“ represents Cl", Br~, I~, CNS", etc. 

Such methods constitute a special section of volumetric analysis, known 
as argentometry. Halogens are also determined by precipitation as the spar- 
ingly soluble mercurous salts HgXlj and Hg^Ij (mercurometry). Certain 
other precipitation reactions are also sometimes used; for example, precipi- 
tation of Zn''‘+ as the complex salt KjZng [Fe(CN)fl Ja, or of PO4 
as the double ammonium uranyl phosphate (U0^NH4P04, etc. 

Precipitation titrations are closely allied to volumetric determinations 
based on reactions of complex formation, such as 

2 CN-+Ag+ = [Ag(CN)2 3 - 

Hg+++ 4 I-= [Hgl4]-- 

or reactions giving rise to weakly dissociated salts such as HgCl2, HgBtj, 
Hg(CNS)2, etc. 

In addition to precipitation of chlorides and bromides as AgCl and 
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AgBr, they can be determined by the mercunmetric method, by means of 
the reactions: 

2Naa + Hg(N03). = Hga,+2NaN03 

2lCBr+Hg(N03)3 = HgBr,-f2KN03 

. f rf»ictions of complex formation in 

“ that j -- -- s 

"" 

conform to the same of a new type have found wide 

In recent years, however, organ the most important 

application.They have the gL of the disodium salt ofethy- 

of which is known as Tnlon ( t form complexes with 

lenediaminetetraacetic acid). 1 hJS • cations of the alkaline earths, 

alarge number of different cations, sudi as 

many nonferrous metals (Cu > ’ above-mentioned 

rare-earth elements, different cations (even differring 

disadvantage. Under specified ’ ^ Trilon B, with the metal 

in charge) form complex therefore stepwise reactions, leading 

and ligtnd in 1:1 Sweerthe metal and the complex 

to non-stoichiometric propo „ ^.^tly numerous methods have been 

former, are excluded ioation of various cations by titration of 

developed for volumetric de c Trilon B solution. One of the most 

solutions of 7'*. ] n\ethod, for determination of the total hardness 

important applications ot 11 

of water, is described in § 

§ 106. TUratioo Curve, in .he Prcoipi.a.ion Method 

• «r^rf'>nt in the precipitation method. Suppose, 

Titration curves arc v^y imp ^ ^ solution is titrated with 0 _1 N 

for example, that rdculation, we shall use a rounded-off 

AgNOa solution. To simph y ^ (1x10'^“) and shall disregard 

value for the solubihty P-duf'; ,A®Vua.ion. 

the change of solution volume n , , ^hc Cl ' ion concentration 

At the start (i.e., °NaCi coleutra.ion (10- A/). Rep- 

in the solution is equal of the concentration (or, more correctly, 

resenting the negative log^ write: 

of the activity) of the Cl ions by P^- , 


pCl 


-log lCl-] = -»oglO > = 1 


I #;r^n been added to the NaCl solution, 
90^:^ thi cl "haled l^the for. of A.Cl. and their con- 
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centration in solution is reduced tenfold, i.e., it becomes 1 X 10 ^ g-ion/ 

/litre. Accordingly, pCl becomes 2.* 

Since [Cl“] [Ag + ] = 10 “i®, the Ag+ concentration in solution at this 

stage must be 

Consequently 

pAg = — log[Ag''^ ] = — log 10“® = 8 

In the same way, we have for the point when 99 ml of AgN 03 solution 
has been added (i.e., 99% of the NaCl has been titrated): 

[a-] = 10-» pCl-3 
[Ag+] = I0-’ pAg = 7 

When 99-9 ml of AgNOa solution has been added, we have: 

[Cl-] = 10-« pCl = 4 
[Ag + ] = 10~® pAg = 6 

Finally, when the equivalent amount, i.e., exactly 100 ml of 01 N AgNO^ 
solution, has been added to 100 ml of 01 N NaCl solution, a saturated AgCl 
solution is formed in which the Cl“ and Ag"*" ion concentrations are equal. 
Therefore, at the equivalence point 

[Cl - ] = [Ag + ] = = 10 -6 g-ion/Iitre 

pCl = pAg = 5 

When lOO'l ml of AgNOg has been put in (i.e., 0-1% in excess), the excess 
of Ag ions is equal to the amount of Ag ions contained in 01 ml of AgN 03 
solution. This creates a concentration of Ag"** ions equal to the concentra- 
tion of Cl” ions with 0*1 ml of excess NaCl solution, i.e., 10"® g-ion/litre. 
Consequently, at this point 

[Ag'^] = 10”® pAg = 4 

[Cl-] = 10-® pCl = 6 

When lOl'O ml of AgNOj has been added, we have 

[Ag + ] = 10”® pAg = 3 
[CI-] = 10-7 pCl = 7, etc. 


• If the change of solution volume is disregarded. In reality the concentration is 

X 10"‘ = 5-3x10”* g-ion/litre, and pCl = 2-28. 
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The calculated values 
of pAg and pCl are 
given in Table 19 and 
are also plotted in Fig. 
59, where the continuous 
curve represents varia- 
tions of pCl and the 
dotted line, variations 

of pAg during the ti- 
tration. 

Figure 59 shows that 
the course of the 
curves is similar to that 
found in other methods 
of volumetric analysis. 
Near the equivalence 

• ^ .. A _ _ C\ 


Table 19 

Variadons of pC. -d 


W • ... 

A9NO) soluUon 
added, ml 

(Ci-l 

lAs* 1 

1 

pCI 1 

1 

1 

1 pAg 


1 


1 ' 
1 1 



0 
90 
99 
99 9 

too 

(cquiv. pt.) 
1001 
101 0 
110 0 
200-0 


10 -* 
10" = 
10-’ 
10 -' 
10 


10" 

10 ' 

10 ' 

10 ' 


10 -' 

10-' 

10 '® 

10 

10 -' 

10'^ 

10 -- 

10 -' 


1 

2 

3 

4 

5 

6 

7 

8 


g 

7 

6 

5 

4 

? 

2 

1 


Near the equivalence i,.rn rh^m-’cs of pCl (from 4 to 6) and 

point (pCl = pAg = 5) there are sharp changes i 

pAg (from 6 to 4). i , the chance depends on the conccn- 

It is easy to see that the magni lions were 1 N and not 0- 1 N. 
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Fig. 59. Titration curve of 01 
solution with 01 N AgNO^ boluiion 

(or vice versa) 


the break woum . “'• r . . 

nt nCI = 7- ‘t would be 4 and 

not pCI units. Conversely, '[the^m- 

camauons of .l.o NaCI ^sNOa 

solulions arc decreased the break on 

the titration curve narrows or even 

'"'Ao irt from the concentrations of the 
reaefing olu.ions, the break on the 
totion curve also depends on the 

whk'^ Ts about one- 
^Jillionth part of the solubility prod- 
uct of AgCl. Accordingly, the cquiv- 
|Ag+l = l'l0-'“= 10 “g-ion/litre, 


alence point in this case is at [1 1 1 ^ p[ = 4 and ends* at pi 

i.e., at pi = pAg - 8; the l^er the soluhility product 

= 12, i.e., covers 8 units of P*' ■ wider the range of the break 

of the compound formed in the turanon, 

r n , n,l of silver nitrate solution lAgM = 10 * and H ' 1 - 

• With an excess of 01 ml ol siivc 

- = lo-.r Therefore, at th.s point pl - 

10 

24 - 6001 
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on the titration curve. Conversely, if the SP of the precipitate is large, the 
range of the break becomes narrower and it may disappear entirely. For 
example, in titration of 0*1 N Pb(N 03)2 solution with 0*1 N Naj.SO| solu- 
tion, SPpbso 4 = 1 X and the change of pPb is only about 0-4 of a 
unit; in the precipitation of CaSO^ (SP := 6x 10*®) there is no break at 

all. 

When precipitates such as PbSO« or CaSO, are fonned, calculation of the titration 
curves is complicated somewhat, because here we can no longer neglect the ammmt of 
ions entering the solution from the precipitate. For example, let us ralculate pPb at 
the start of the break during titration of a lead salt (sec above). The Pb ion concentra- 
tion at this point is the sum of: (a) 10 “* g-ion/litre remaining unchanged by the titration, 
and (b) x g-ion/litre from the PbSO« precipitate. As this precipitate gives nse to the same 
concentration, x g-ion/litre, of SO 4 ions, we can wnte: 

x(10-*-|-x) = 10 -* 

or 

x*-|- 10 -<x— 10 -* =0 
Solving this quadratic equation, we have: 

* — 0*5 X 10 “< + M2 X 10 0-62 x 10 “* g-ion/Utre 

Consequently, 

[Pb+ + ] = 10 “‘-fx = 10-<-l-0-62xl0-« « 1-62x10-* 

and 

pPb = — log 1-62x10-- « 3-79 
Similarly we find that with an excess of 01 ml of sulphate solution 

[Pb++]=jcand (SO*--! = 10--+X 

Hence 

x(10--+x)== I0-»; x= [Pb + + 1 = 0-62x10-* 

pPb = — log 0-62x10-* = 4-21 

Therefore, the change in this case is 4-21—3-79 — 0-42 pPb unit. 

Since there must be a sufficiently sharp break on the titration curve if 
the equivalence point is to be determined exactly, this narrowing of the 
break with increase of the solubility product of the precipitate explains 
why only precipitation reactions in which the precipitates fonned are vir- 
tually insoluble (SP of the order of 10 “i® or less) are used in volumetric 
analysis. 

It should be noted that the above calculations of the titration curves 
based on the solubility product of the precipitate are approximate only. 
In reality the situation is complicated by adsorption (coprecipitation) 
effects, the influence of which is not taken into account in the calculation. 
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§ 107. Methods of Determining the Equivalence Point 

3SEir 

NaBr+AgN 03 = ^ AgBr+NaNO^ 
u is evident that P-cipUat-on ^AgBt com.nues 

excess Of Br- ions is present m solutiomTher^^^^^^^ 

the point at which *P titration a^nd adding to each a single drop 

titrated solution at the end . instance detection of the 

of the AgN 03 solution diluted equivalence point 

end point is made much It the bottom of the vessel 

•n\t^fo™'’of1^^e"c«?dTflakes. The soiu.ion clears rapidly; this ,s facili- 
tated by vigorous slirr,ng ^ 

In the case of AgCl fhe technique is somewhat more com- 
as low as that of AgBr (7 7 ^ ^^Cl solution formed at the eqmv- 

plicatcd. The ^ turbidity both with AgNO^ solution and with 

alcnce point gives a distin i„uj|itY of AgCI by the introduction of a 

NaCl solution turbidity is exactly the same in each case, 

common ion; see § 19h equivalence point. If the solution is not 

However, this occurs ^ ions is present, the turbidity caused 

fully titrated and be greater than that caused by NaCl. 

Con™;sdy" ifSu^^s slightl^y overtitrated, NaCl causes more tur- 

bidity than AgNOa- couivalence point in this case we must take 

Therefore, to determine the q titration and treat 

two similar samples of s other with a drop of NaCl 

solutTon^ahe' sL'’^^ 

give equal proportion of the titrated solution must be 

Despite the fact tha accrue turbidity’ is one of the 

withdrawn for sampling. analysis.* However, it requires skill 

rd‘is'’rm^e’; raboHous. Therefore, in practice indicator methods are gener- 
ally used in argentometric titrations. 

^ . • .ki. Hkcussion of titrations with external indicators (P- ^38). 

• As was pointed out in be made negligibly small. The equal turbidity 

the error due to '"'‘^drawal of volumetric 

U ubsiSuenlly used for very accurate determinations of the atomic weights 
of halogens and silver. 


24 * 
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Indicator Methods. The most usual indicators in argentometric titrations 
are potassium chromate solution K.>Cr04 (the Mohr method) or ferric 
ammonium alum NH4Fe(S04)2 (the Volhard method). 

The use of KXrO^ as indicator is based on the formation of a brick- 
red precipitate of AgXr04 by the action of Cr04 — on Ag ; this precipi- 
tate only begins to form after the Cl “ ions have been precipitated almost 
completely as AgCl. 

The cause of this lies in the difference between the solubility products 
of silver chloride and silver chromate. Suppose that a 0*1 N NaCTI solution, 
also containing KXrO, indicator in 10 M concentration, is titrated with 
AgNOg solution. Each of the precipitates (AgCl and Ag^Cr04) begins to 
form only after its solubility product has been exceeded. Since SP^gci 
Rs 10 the Ag ion concentration in solution needed to reach this value is 


[Ag + ] 


S PAgCI _ 
[Cl-J “ 


JO-IO 

10 -* 


10 -» 


g-ion/litre 


Let us now calculate the concentration of silver ions at which precipi- 
tation of AgCrO, begins. Its solubility product is 

[Ag [CrO, - - ] = SPAg.cro. - 9 X 10-»2 

Hence: 


[Ag + ] 


/ SPAgt CrQt __ ]/ ^ < 10"' 

' [Cr6r-\ “ [ ' 10 -^ 


= 3x 10”" g-ion /litre 


Therefore, the solubility product of AgCl is reached earlier, i.e., at a lower 
concentration of Ag+ ions(l0”® g-ion/litre), than that of Ag^Cr04 (3x 
X 10 g-ion/Iitrc). Consequently, AgCl must be precipitated first. However, 
since the product [Ag+][Ci“] remains (approximately) constant all the 
time, as the Cl” ions are precipitated in the form of AgCl, the Ag"*" ion 
concentration in the solution must gradually increase.* Eventually the Ag"^ 
ion concentration corresponding to the solubility product of AgXr04: 

[Ag + ] = / = 3x10-5 g.ion/litre 

is also reached. 

At this point AgXrO, begins to be precipitated together with AgCl, 
and the precipitate suspended in the liquid acquires a red-brown colour; 
this is taken as the end point. From the equation 

[Ag M [Cl - ] = SPabci 

it is easy to calculate the Cl” ion concentration in the solution at this point : 

[Cl - 1 = = 3'^ - 3 X 10 - g-ion/litre 


• For example, see Table 19 (p. 369) where this increase of the [Ag'*’ ] ton concentra- 
tion is seen particularly clearly. 
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It follows that precipitation of Ag,CrO, begins only after practically all 
the Cl" ions have been precipitated as AgCI. 

The above conce_ntration of the^C, - 'Oj;-- ^hhln' thrlrge o7 th" 

brea”k on th^titration curve (4-6). This shows that this md.cawr at ~ 10 - M 

concentration makes it possible to determine the end point .>,th sulli 
cient accuracy. 

It is easy to calculate the concentration of CrO - tons a. which the star, of P^eetpi - 
tation exactly coincides with the equivalence point. At that point ic i 
fore, reasoning as before, we can write. 


9x10-*- _ 

ICrO*- "1 


10 - 


10 - 


and hence 


[CrO«--J = 9xlO--Af 


The CNS 


L • A Sc need in a lower concentration (about 10 “■ M). 

However, in Practice the in too d ^ 

as with a larger amount of KXrO* ms chance at the end point, 

would interfere with observation of the colour cnange ai 

The use of the Fe + + + as indicator is based on the formation of water- 
so^bl ftrri^ thiocyanate, which has an tntense red colour, w.th CNS 

ions*: 

Fc+ + ■‘■-1-3CNS- FeCCNS)^ 

r.-irts with Ag-" to form the sparingly soluble salt 

ion [ 2 ^, . .iiercforc possible to titrate solutions of 

AgCNS (SP ^ I X 1 kCNS) solutions in presence of a ferric salt. 

Sliver salts with mh Fe(SO,). •12H,0, as indicator. The 

namely ferric ammonium alum t 1^- 

reaction is represented by the equation 

AgN03 + NH,CNS= tAgCNS + NH.NO^ 

• I tint the concentration of the CNS ions remain- 

Before the equivalence p p ,^^ 5 ) is not formed. However, the first 

mg raises this concentration so much that 

excess drop of NH 4 CNb soiu solution becomes a more or 

the above reaction occurs and in 

less intense orange-red. determination of bromides 

example, bromides can he determined 

asfollowsi lAgBr + Ag- (residual) 

Agt (residual) I CNS- -I AgCNS (titration) 

Z u * V Rabko have shown that in reality various complex ferric thio- 

• Researches by A. K. Babko na , [Fc(CNS), I"* . etc. 

cyanalc ions arc formed, such as lFc(CNb)J .1 v 
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Chlorides are determined similarly. In determination 
end point is very distinct; the first excess drop of the stand^d NH^CNb 
solution produces a stable red colour in the titrated solution. During deter- 
mination of chlorides, on the other hand, the colour disappears after some 
time if the liquid is stirred. The explanation is that, in contrast to AgBr 
(SP ^ 10"*®), AgCl is more soluble (SP » 10 *®) than AgCNS (SP^ 
~ 10 Consequently, the Ag"^ ion concentration in saturated AgCl 
solution is high enough for SPAgc.vs to be exceeded, i.e., for the following 
reaction to occur: 

FeCCNS);, + 3AgCl ;; FeCl 3 + 3AgCNS (1) 

The disappearance of Fe(CNS )3 from solution causes the colour to 
disappear. Evidently, the loss of colour ceases only when equilibrium has 
been established between the two solid phases (AgCl and AgCNS) and the 
solution. Equilibrium is established when the Ag"*" ion concentration m 
solution satisfies two equations simultaneously: 

[AgM [Cl - ] = SPAgci = l-56xl0-*« 

[Ag+1 (CNS-] = SPAgcNS = 116x10-*® 

Dividing the first equation by the second, we have: 

IC1-1_ SPa^ ^ 1 -56XI0-'” ^ J35 

(CNS‘) SPakCN.s M6xl0-‘s 

Therefore, the concentration of Cl “ ions formed by reaction (1) should 
be about 135 limes as high as the concentration of CNS " ions before the 
decolorisation can stop. This means that the solution must be considerably 
overtitrated before a stable colour is produced. 


n is not difficult to calculate the extent to which the solution must be overtitrated 
before the colour caused by formation of Fe(CNS)3 ceases to disappear. It is found in 
practice that this colour can bo dotected when the excess of CNS “ ions in solution reaches 
about 10 g-ion litre. Suppose that 0 1 ml of excess 01 N NH,CNS solution is aeWed 
to 100 ml of a suspension of .AgCl and .AgCNS formed at the equivalence point. This 
addition introduces 0 10 1 ^ 10 -• mg-eq of CNS “ ions into the solution, and since 

these ions are u tiforaily distribuieJ in a volume of 103 ml each millilitre of solution must 
contain 10--;l00 10"' mg-eq. This is also the concentration of CNS ’ ions in solution 

(expressed in jt-ion litre) at the first instant after addition of NH4CNS. Since this con* 
ccniraiion is greater than 10 g-ion ditre, a colour should appear. However, ^ 

the reaction between CNS “ ions and the AgCi precipitate, most of the excess CNS 
ions introduced into the solution (’» enter the precipitate, displacing an equivalent 

quantity of Cl " ions. After equilibrium has been established, only hja o* the total 


quantity, or 


! 0 -‘ 

136 


0 007 •- 10 ■* = 7 X 10 g-ion/litre remains in solution. Since 


7 - 10 “■ c 10 the colour dis.appears. , , m i 

If the excess of Nil, CNS added to the solution was 1 ml and not 01 ml of 01 N solu- 
tion. the amount of CNS ' ions remaining in solution would be 10 times as much, or 
7x10"® g-ion 'litre. However, even this is less than 10“*, and therefore the solution 
becomes decolorised when it is overtitrated by 1 ml. The following condition must 
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be satisfied for the formation of a stable colour: 

7x 10"* X 10"* 

and hence „ , ^ „i 

V ^ 1-4 ml 

It is dear from all the .t. beTo" 

obtaining a stable colour, but should disaonears very rapidly on stir- 

the equivalence point is reached ^7 7he colou' is rela- 

ring. Beyond the equivalence by addition of 1-2 ml 

lively slow. The end point can be ma chloroform 

of nitrobenzene C,H,NO,. carbon Jeirachloride CCh o ^ 

CHCl, to the titrated 7 and FeiCNS)^. ^ 

precipitate and greatly retard the . excess of AgNOa solution 

An even better method is to to the mark 

to the chloride solution in ' through a dry filter and a definite 

with water. Part of the iHrated with thiocyanate solution. 

^n7hTs7l'"tle pre%7ate is separated from the solution and cannot 

methods based on adsorption phe 
These are discussed more fully m § I0»- 

§ 108 . Adsorption Effects in Titration. Adsorption Indicators 

r ^ chemical reactions are generally not pure; 

The precipitates the result of coprecipitation. It is known 

they contain various of coprecipitation is adsorption of various 

that one of the commonest cause to adsorption, coprecipitation 

ions on the precipitate ; .j crystals or chemical compounds of 

may be caused by formation etc. (§ 27). 

the precipitates with the coP''^‘^'P‘ \y|^cii seriously into account in volu- 
Coprecipitation effects n-st b >aUn^ 

metric determinations by P P . sometimes distort them al- 

a certain error into the especially strong in this respect, 

together. The “ ^i,„,es wfth ionic crystal l.ittices usually 

It was noted in § 27 that P P ^^.^y considerable extent. For 

adsorb their own *o"^f7.7.Hsorbs Ag + or I ^ ions most strongly, depend- 
example, an Agl precipitate a a given instant in the ti- 

ent on which -I J. solution is titrated with AgNO^ solution, 

trated solution. Therefore, if K ^gj particles adsorb I ' ions 

before the acquire negative charges. These negatively 

from solution, and thereby ^ from solution, so that the pre- 
charged particles attract K. ' 

cipitate contains K1 as an impu y. 
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Conversely, after the equivalence point has been reached or if the orde_r 
of titration is reversed, the Agl particles adsorb excess Ag+ ions NtJs 
counter-ions, so that the precipitate is contaminated with AgNOg (see 

It is evident from this that the particle charge becomes reversed during the 
litratiotu passina through the so-called isoelectric point at which the particle 
charge is zero. It is only at this point that the precipitate does not contain 
either Ag or I - ions in excess and corresponds exactly to the formula 


Experience shows that the isoelectric point does not necessarily coincide 
with the equivalence point in titration. For example, near the equivalence 
point Agl precipitate adsorbs more 1“ ions than Ag"^ ions. Therefore, 
if equivalent amounts of KI and AgNOg solutions are mixed, the precipi- 
tate formed contains I ' ions in certain excess (about 0T%) over jhe Ag 
ions present. Accordingly the concentrations of the Ag+ and 1 ions m 
solution are not 10 ® g-ion/litre each, as should be at the equivalence 
point with SPaci = 10 but have the following values: [Ag+] = 10 
g-ion/litre, and [1 “ ] = 10 g-ion/Iitre. It follows that when KI solu- 
tion is titrated with AgNOg an excess of Ag+ ions is obtained in solution 
somewhat prematurely, i.e., the end point is reached before the equivalence 
point. Conversely, when AgN 03 solution is titrated with KI an excess of I 
ions appears beyond the equivalence point, because they are adsorbed to 
the greater extent by the precipitate, and the solution is somewhat over- 
titrated. 

Thus, the non-correspondence of the isoelectric point and the equivalence 
point entails a certain error in titration. 

Adsorption may also lead to errors in analysis for another reason. We 
know that adsorption is a reversible process which leads to equilibrium be- 
tween adsorbed ions and the same ions in solution. Since the concentration 
of the ion being determined gradually decreases during titration, the equilib- 
rium is continuously disturbed and the adsorbed ions pass from the precipi- 
tate into solution. However, this release of the adsorbed impurities from 
the precipitate takes time and may therefore be incomplete. The ions which 
are not removed from the precipitate evidently do not take part in the reac- 
tion whicii occurs during the titration and the result of the analysis is there- 


fore inaccurate. 

To avoid this, the titration must be ended very slowly, with vigorous 
shaking of the flask after addition of each drop of titrant, so that adsorp- 
tion equilibrium is established more rapidly. 

In many cases the error due to adsorption may be greatly reduced (or 
even eliminated) by decrease of the surface area of the precipitate; this is 
achieved by allowing the precipitate to stand in contact with the mother 
liquor, or by heating. For example, the error due to adsorption during 
precipitation of Agl is prevented if the titration is performed at 95° C 
(or if the precipitate is left in contact with the mother liquor for some time 
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at the sa.e tentperature). l^dcr 

ftrSe ;rA?atuU,':drp.icn ,s diminished so much that .t no 

'“’ll" . 

(or other forms of coprecipitalio ^ . ^nol be used in volumetnc 

means. Therefore, the react.ons m amorphous substances 

r^^as%T?OH )3 aftreh TurfLe area is enormous and they adsorb very 

"-^of'Lmpie, it nttsht seem be^tS, U 

Fe(OH )3 and of the f iron in solution by titration with 

Should be very easy to „ js impossible, because adsorption 

alkali. In reality, however, ^uch thra P p^eep- 

effects greatly distort the results. TIk same app 

itation reactions. e^^rious complication in volumetric analysis 

Although adsorption IS a seriou • for determination 

by the precipitation method, in some cases 
of the equivalence point. 

This can be done in foMo^g particles 

formed during titration prevent ‘the particles fm forming 

become negatively bottom of the vessel. Therefore, a colloidal 

large aggregates and settling . . j5 firsl formed during the titration. 

solution of Agl and not a p P -gji^ies it is not even opalescent. 

It has a yellow-green colour ^bine with Ag-^, the Agl particles 

However, as more and more I ^,^^rge decreases. 

gradually lose their adsorbed I 10 • t particles coagu ate 

Eventually the charge /Increase solution then 

and are deposited . i^nown as the clear point, depends to a 

becomes quite clear. This p iji„.jQn of the iodide solution and on the 
certain extent on the degree of d.lut.o 

rate of stirring of the solu 1 stirring is vigorous, the clear 

If the Kl solution is very dUuK For quantitative 

point coincides almost X solution is diluted to approximate- 

determination of 1 (or Ag ) about 500 ml of is added 

iy 0-004 N concenuation (f ^ j fj ) and titrated with 01 N AgNOg 
to 20 ml of approximately 0 > ^ portions with vigorous stirring 

solution, the latter being addca y 

until the clear point is ^nust not contain bi- or multivalent 

It is evident that the titrated solution^^^^^^ coagulation of the Agl 

cations, because these 

-Tl^ISHTon. the us» of such radons is d.rf.cuU because of .he pronounced ampho- 
teric character of many hydroxides. 
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sol. In exactly the same way lead salts can be titrated to the clear point with 
ammonium molybdate, (NH^)MoO^ (PbMoO^ is precipitated in this reac- 
tion). 

Titration with Adsorption Indicators. This method is based on adsorp- 
tion of certain dyes, which then change colour, by precipitates. For example, 
the dye eosin, which is a relatively weak organic acid, is used as indicator 
in titration of bromides and iodides with AgNOg solution. Eosin may be 
conventionally represented as HEo. 

Eosin acts as follows. The Eo“ anions present in the titrated NaBr 
solution confer a pink colour to it. Before the equivalence point is reached 
the particles of AgBr precipitate formed by the reaction adsorb the common 
Br“ ions which are present in solution in excess. These confer negative 
charges to the particles and prevent adsorption of the Eo “ anions. However, 
as the equivalence point* is passed the particle charge is reversed owing 
to adsorption of Ag ^ ions which are now in excess. As soon as this happens, 
the positively charged AgBr particles adsorb Eo“ anions. As a result the 
surface of the precipitate acquires a red-violet colour. This is the end point 
of the titration. 

As the colour changes of dyes such as eosin are associated with adsorp- 
tion of their ions by the precipitates, such dyes are known as adsorption 
indicators. 

Since adsorption occurs on the surface of the precipitate particles, it is 
advantageous to have this surface as large as possible. The total particle 
area is especially large in colloidal solutions (with particles from 1 to 
100 m// in size). Therefore, it is very important in titrations with adsorption 
indicators that the reaction product should be present at least partially in 
colloidal form. If the colloidal solution coagulates completely the adsorp- 
tion surface decreases so much that the colour change of the indicator is 
not sharp. Coagulation of precipitates in titration with adsorption indica- 
tors is sometimes prevented by various protective colloids,** such as dextrin, 
starch, and similar substances. 

A given adsorption indicator can be used only if it is not adsorbed too 
early by the precipitate, as is the case in titration of chlorides in presence 
of eosin. In this case the anions (Eo “) are adsorbed by the AgCl precipitate 
well before the equivalence point is reached. Therefore, the indicator anions 
and the Cl " ions “compete” for the adsorbent surface. This competition 
must he won by Cl “ ions, even at low concentrations, and not by the indi- 
cator ions (which happens if eosin is the indicator). In other words, the pre- 
cipitate must adsorb the ions to be determined much more strongly than the 
indicator ions. 

• More correctly, the isoelectric point. 

• * Protective colloUls arc colloidal systems in which the dispersed particles are strongly 
hydrated and are therefore relatively stable to the action of electrolytes. When AgCl 
particles adsorb a protective colloid they are stabilised and are not coagulated by elec- 
trolytes. 
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r- J r\ - ions bv the dye fluorescein, which is 

This condition is satisfied ^ \ silver nitrate. Its colour 

i?r;:Uow4r aaso.p.on .. .e A.C. 

^ w&or.scei„ . used, U -s,^e re^n^-d .h. i. is a -a. 

fluorescein anions to give undi thereby decreased so much that 

concentration of the layer becomes impossible. Therefore, 

formation of a coloured adso p ^ jura- 

neutral or weakly alkaline ‘fosinTs a much stronger acid than 

tions with fluorescein used in titration of bromides, iodides, 

fluorescein, and it can at oH = or even lower, 

and thiocyanates in acid fluorescein, and it can be used 

for“"^ sol,Stions (even at pH 4); chlorides can also 

be titrated in presence of this indicate . 

§ 109. Standardisation of Silver Nitrate Solution by the Mohr Me 

The Mohr method is based on titraUon^ota^M^ NaCI. wit 

"M^nt orCC: a.^.^ ^ 
suspension changes from pure V colour chanee is caused by the start 
in Solution) to reddish t^is occurs, as was shown m 

of precipitation of red e Ag^ ^1 " has been pre- 

§ 107, near the equivalence point, i.c., w 

cipitated as AgCl. in this method is OH N or 0‘05 N AgNOa- 

The principal standard ^obit recrystalliscd chemically pure AgNO^ 

It is prepared by exact wcig alters on keeping, it must be checked 

However, as the litre of AgN 3 . ^ j acaiiisi chemically pure NaCl. 

from time to time. The can be prepared from the 

Alternatively, standard ^ _ and standardised against chemically 

commercial salt, which is no q standardised gravimetrically, by prectp- 
pure NaCl.* Sometimes AgNO^ „c,ly measured volume of AgNO 
itatiorr of silver chloride from > solution, with subsequent weighing of 
solution by addition “i, ‘°Xdan« with the rules of gravimetric 
the precipitated AgCl m 

analysis (§ 40). AeNO, solution against NaCl is described below. 

The standardisation ot Agi j 

. • iiu n.ire NaCl for standardisation, a concentrated solu- 

• For preparation of chemically P is prepared, and concentrated HCl is 

tion of the commercial salt, as puro .^s through the solution). Owing *hc 

added (or gaseous hydrogen «hl P ^ jecrcases and it is partially 

moD ion effect of Cl - the solubility spirit (not a 

The crystals are sepa^at^ fj,o ‘ 500-600° C to remove HCl and water, 

gas) burner or in an electric furnace at 
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Procedure. Weigh out accurately enough chemically pure NaCI to give 
an approximately 0-1 N or 0-05 N solution when dissolved in water in a 
250 ml measuring flask, and calculate the normality of the solution. 

Having thus prepared a solution of the primary standard, proceed with 
standardisation of the AgNO^ solution. Pipette out 25'00 ml of the NaCl 
solution, add 0-5-1 ml of 5% K,Cr 04 solution, and titrate it with the 
AgNOg solution. Shake the flask vigorously during the titration to allow 
adsorption equilibrium to be established (p. 376). It is necessary to detect 
the point at which the pure yellow colour of the liquid with the suspended 
precipitate is changed by a single drop of AgNOs to a very faint dirty 
tinac (start of Ag.CrOj precipitation). On no account pour the contents 
of he flask down "the sink after the titration; they must be collected in a 
special vessel. The collected residues of silver chloride are reconverted into 
AgNO;j. This also applies to other argcntometric determinations. 

Repeat the exact titration two or three times and take the average reading. 

Calculation. First find the normality of the AgNOj solution in the usual 
way, and then convert it into the chlorine titre of AgNOj (p. 200 ). 

For example, if the normality of the AgN 03 solution is O’ 1012, then 

Tasno./ci = — = 0 0''3588 g/ml of chlorine 

By multiplying this value by the number of millilitres of AgNO^ taken 
in a titration, we find the number of grams of Cl “ in 25*00 ml of a titrated 
solution. This calculation technique is especially useful in mass determina- 
tions of Cl ". Of course, the ordinary method can also be used. 

The Mohr method is used for determination of silver, chlorides, and 
bromides (it cannot be used for iodides and thiocyanates because the results 
are greatly distorted by adsorption effects). 

Whatever is determined by the Mohr method — halides or silver salts — 
the titration procedure must always be the same as in standardisation of the 
AgNO.j. In other words, the silver salt solution must always he added from 
a burette to a measured volume of the halide solution, because only then is 
a sharp colour change obtained at the end point. 

Further, it must be remembered that the Mohr method is suitable only 
for titration in neutral or weakly alkaline solutions (pH = 6-5-10), because 
Ag.CrO, is soluble in acids and cannot be precipitated in their presence.* 

If the solution for analysis is acid, ii is neutralised by a solution of borax 
NajBjO; • lOH.O or sodium bicarbonate NaHCO^. These substances, of 
course, must be free from chlorides. This must be checked as follows. 
A small amount of the .salt is dissolved in water, acidified with HNO 3 , 
and AgNO., solution is added. 

• In strongly alkaline solutions (pH > 10 ) Ag.O is precipitated. In presence of amm^ 
mum salts the pH range must be narrowed to 6-5-T-2. otheiAvisc the liberated ammonia 
combines with silver ions to form the complex tAgtNHj).] Obviously, the Mohr 
metliod is also unsuitable in presence of salts which have an acid reaction as the result 
of hydrolysis. 
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Another condition for applicabi.,.^ of the 
cations which form precipitates ^ ^ 

which form p^ecjpjtates with Ag^.^.ojr^ a restricts the application of the 

mShod.’ The ‘thiocyanate method (the Volhard method) is more widely 
used. 

§ 110. sundardisation of Ammonium Thiocyanate Solution 

As already stated (§ 106). the thiocyanate method for determination of 
silver and halides is based on the reaction. 

AgNO,+NH,CNS = 1 AgCNSt-NH.NO, 

, Cr>+ + + ion which makes it possible to 

The indicator in this method ^ f^.^ric thiocyanate Fc(CNS).„ 

detect excess NH,CNS owing to . ‘ used in practice is a satu- 

which is a soluble red compound. The ^h.Fc(SO,), •I2H,0, to which 
rated solution of ferric , , cunpress Indrofysis and to destroy 

a little concentrated soludon. In contrast to the Mohr 

the consequent brown colour nrescnce of acid does not inicrjere 

method, in the Volhard met ot {...proves the precision of the results, 
with the titration but. on etc., does not interfere either. 

The presence of Ba+ + . Pb ’ * op,>nts interfere, because the former pre- 

Only mercury salts and oxidising j,; 

cipitate the CNS“ ion while q ^nd NH.CNS (or KCNS) solu- 

The main standard solutions (he Mohr method as de- 

tions. The silver nitrate may be ^ ‘ .j 5 .j(joK of thiocyanate solution is 

scribed in the preceding section. Standaroisa 

described below.* , ^ 0-05 N) NH.,CNS (or KCNS) 

Procedure. Put the and titrate an AgN 03 solution 

solution to be standardised m . previously diluted the 

of known concentration wi U ^ solution. Add NH^CTNS 

100 ml with water and added J-jm rmanont reddish colour 

ap^ei^; te^LVthe 'ilam ..uahon two or three t.mes and taRe the average 

“ValcValLtcalculate the normality and the titre of NH.CNS solution 
for silver by the usual method. 

i«o et SCO it would be more accurate to determine 

• By the rule given on p. 1 8^. « VnS and AgN 03 solutions as described m 

the ratio between the . (he AgNOj solution (see § 1 H) aga'.ast wughtd 

this section and then to ',fde (for Example. NaBr). Instead of this, m order to 

quantity of a chemically pure ^hde Oo connects the thiocyanate method 

save time, we describe a less precise metn 
with the Mohr method. 
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It is convenient to express the concentration of the NH^CNS solution 
in the form of itstitre for silver because the solution is used for mass detenm- 
nations of silver in its salts and alloys. Silver alloys are dissolved m HNOj 
and the solutions are titrated with NH^CNS in the same way as was de- 
scribed for standardisation of the latter. 

§ 111. Thiocyanate Determination of Halides 

As was already stated in § 107, the thiocyanate method can be used 
for determination of halides as w'ell as of silver. 

Procedure. Weigh out accurately on the analytical balance any halide, 
such as NaBr, to give an approximately O'l N (or 0-05 N) solution when 

dissolved in water in a measuring flask. 

Pipette out an aliquot portion (25'00 ml) of this solution and add from 
a burette a known excess (say, 40*00 ml) of standard AgNOj solution. 
Without filtering off the precipitate titrate the excess AgNO^ with NH 4 CNS 
solution as described in the preceding section. Repeat the determination 
two or three times and take the average result. 

Calculation. The calculation may be performed in various ways. For 
example, the equation = Ny used for calculating the 

number of millilitres of AgNOj solution equivalent to the volume of NH4CNS 
solution taken for the back-titration. The volume of AgN 03 solution 
required for precipitation of Br is found by difference. Then, remembering 
that a gram-equivalent of bromine is the same as the gram-atom (79*92 g), 
we find in the usual way the normality of the NaBr solution and the total 
amount and percentage content of bromine in the sample taken. 

Ailernativcly, we can first find the numbers of milligram-equivalents 
of AgNO;, and NH,CNS used in the determination (i.e., the values of the 
product /V V for the two solutions). The dilTerence gives the tuimber 
of milligram-equivalents of AgNO^ used for precipitation of Br , and 
hence the number of milligram-equivalents of bromine in the titrated volume 
of NaBr solution. It is then easy to calculate the total bromine content and 
the percentage of bromine in the sample. 

If Cl ~ is determined instead of Br“, it is more difficult to detect the 
equivalence point (§ 107) because of the reaction 

3AgCl i Fc(CNS )3 = * 3AgCNS-!-FeCl3 

which causes gradual disappearance of the colour of FefCNS)^ when the 
contents of the flask are stirred. 

To make the colour tnore stable, 1-2 ml of nitrobenzene* (CoH^NO^) 
is added to the solution; adsorption of nitrobenzene by the AgCl precipitate 
slows down the above reaction. It is even better to remove the AgClprecip- 


• Carbon tetrachloride (CCl,) or chloroform (CHCI3) may be used instead of nitro- 
benzene. 
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itatc by filtration from an aliquot portion of the solution (p. 375) and 
,o titrate and filtrate ^^i.able for determination of 

.... Ersv;tsr" ;s 

oxidising agents which can oxidise CNS lo . 

8 112 Determination of Halides by Titration with Silver Nitrate 
§ 112. of Adsorption Indicators 

The theory of “ 

^ration wu'h. JJkloXrWmgt ^ureTouTh of'thrddonde (NaC, o^ 

KCironTn^analytical ba^«^V°in‘r250 

solution) when dissohcd in \ ^ volume of water, 3-5 

portion (25*00 ml) add an PP . 10 ml of 0*5% dextrin (or starch) 

drops ihc solution with continuous stirring in 

solution free from Cl - green colour of the liquid in 

.d^. Repeat the exact titration two 

“'cSlculauThVchtoHne'content of the sample in the usual way and express 

prevent coagulation oi titration with fluorescein as 

but the colour ^^angc is he^njcssjl^^ ^ 

indicator the solution n lb titrated solution may be weakly 

If dichlorofluoresccin is u protected from direct sunlight, because 

acid. The titrated solution mus^t^bc^^ 

acrjn'’oniBht“rr'briaht sunlight the reddened precipitate quickly be- 
n°es gfey Ld O’- bla^Mbcc.au. of Oecompos.uonk^^ 

nation is the end of the titration the solution should be 

Tain vTgo'rTusTy. The titration may be performed in acid (at pH ^ 2) 

“TTTIy aqueous solution of the sodium salt of eosin is used. Four to six drops 
of the^into-to^'am uken per 25 mi of O i N solutton. 
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as well as neutral solution. It is better to acidify neutral solutions slightly 
with acetic acid. 

In this case addition of a protective colloid does not improve the colour 
change, which is sharp enough even in very dilute solutions. 


§ 113. Merciirometric Determination of Chlorides 

In the mercuronietric method chlorides are determined by titration with 
mercurous nitrate solution. The reaction is represented by the equation 

2NaCl + Hg,,(N 03 ), = 1 Hg.,CI.+ 2 NaN 03 

The indicator may be either Fe(CNS )3 solution ora solution of the organ- 
ic reagent diphenylcarbazone. 

Let us consider both methods more fully. 

1 . In tile first method a solution of Fc(CNS )3 indicator is formed by 
addition of 1 ml of 0-05 N NH,CNS solution and 2-3 ml of concentrated 
Fc(NO ;,)3 solution* to the solution for titration. The indicator acts as follows. 
As soon as an excess of ions appears in solution after precipitation 

of Cl ions is complete, they react with CNS" ions so that Fe(CNS )3 
is decomposed and the red colour of the solution disappears. The volume 
of Hg^(NO ;{)3 solution required for the reaction with the indicator must 
be found by a blank experiment. This volume is subtracted from the volume 
of taken for titration of the chloride. 

IVheii working with mercury salts, remember that all mercury compounds 
are strong poisons. Therefore, observe all the safety precautions, wash the 
hands frequently, do not spill the solutions, do not bring food into the labora- 
tory, do not drink out of chemical glas.'tware, etc. 

As it is impossible to obtain 2 H 3 O sufficiently pure, the solu- 

tion (approximately O’ I N) is prepared from the commercial salt and stand- 
ardised against chemically pure NaCl. For preparation of the solution 
30 g of the commercial sail is dissolved in 1 litre of approximately 0*2 N 
HNO 3 solution. The resultant solution usually contains a considerable 
amount of Hg ' ions, which react both with CNS~ ions and with Cl~ 
ions. For reduction of Hg ■* ■* to Hg^ ^ a small amount of metallic mercury 
is put into the flask containing the solution which is shaken thoroughly 
and left to stand for at least 24 hours. Only then should the solution be 
standardised. The tilre of Hg^(N 03)3 solution remains unchanged for 
several months. 

Procedure. Weigh out the chloride to be analysed (or chemically pure 
NaCl if the mercurous nitrate solution is to be standardised). The weight 
taken should be enough to give an approximately 0* I N solution when dis- 


• To prepare FetNO;), iron wire is dissolved in .‘tO'Io nitric acid, the solution is 
evaporated to dryness, and the required amount of the dry residue is dissolved in water 
slightly acidified with UNO^. 



§ 113. Mercuromeiric Determination of Chlorides 


3-So 


^i“lf.hrcoir “indard Hg.NOJ. so,u„on with 

to decolorise the solut.ons as wore used for the 

and add Hg,(NO,), solution drop by drop until the colour disap- 
pears Note do'vn th*^ Ha.(NO,). solution required to 

deS^sr™; ^sL;or 

oUuZl rthelm^r/tn dte usual way. and express the result as a per- 

ceniage. method is a I •2"., solution of di- 

2, The forms with Ha.,’' - ions a blue precipitate soluble 

phenylcartazone wtel . determination can ranee from 

ll^aV^cT^N ^HN^At-ng ^e 'll"!::!' of IffSlmn 

end ,7;f,'’'’cyanate method, this titration is also possible in 

In contrast to the ^ WvHrooen neroxidc, even at concentrations 

presence ^f either This makes it possible to deter- 

as high as 5 A/, does not nnnihcr of rcducina agents and of certain 

mine chlorides m sulphide nitrite, permanganate and chromate), 

oxidants (such as sulphite sulphiae nj^^ ^ ^ solution. 

which are ^^,5 niethod is performed 'as follows. The solution 

The ‘‘'=‘='''”;''ff°",^acidhied with nitric acid (free from chlorides) so that 
to be analysed is range of 0-2-5 N. The indicator 

the concentration to an accuracy of 1 ml. 

is added and a first ro g ^jaed the liquid gradually turns blue. At 

As the Hg.(N 03 ). solution^ addled, bluJ-violei. In order 

the equivalence point the c interfere with determination ol the 

that the pale blue colour indicator ,s added only 

T^t^l " 2 "ml of tie tiu^m Remains to be added before the end point, 
when only 1-2 ml o^ne^ indicator is necessary. 

This Utralion should not be performed in direct sunlight. 
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§ 114. Mercurimetric Determination of Chlorides 

In distinction from the mercurometric method described above for de- 
termination of chlorides, which is based on precipitation of Cl 
He. + + ions, in the mercurimetric method* Cl ions are combined with 
Hg’+ ions to form the weakly dissociated salt HgCl^. A solution of mer- 
curic nitrate is used for the titration. The equation for the reaction is: 

2 NaCl+Hg(N 03 ), = HgCI,+ 2 NaN 03 

The indicator is a solution of sodium nitroprusside Na, [Fe(CN) 3 NO ], 
which forms a sparingly soluble salt with Hg+ + ions However, the degree 
of dissociation of HgCl., is so low that the amount of Hg+ + ions formed 
is insufficient to reach the solubility product of 

Therefore, the latter compound is not precipitated until all the chlonde has 
been titrated and a certain excess of the highly dissociated n^e^cmic ”‘trate 
Hg(NO-,). has formed in solution. A correction, equal to 0*17 ml with 
0*1 N solutions, must be applied to allow for this excess. 

An even more convenient indicator for this titration is a solution ot i- 
phenylcarbazone, which forms an intense blue precipitate with mercuric 

It must be remembered that all safety precautions must be observed in 

work with mercury salts (see p. 384). ^ 

The titrant used in this method is OM N HgfNOa), solution. To prepare 
this solution, 17 g of Hg(N 03 ), • VzH.O is weighed out on a Inchmeal 
balance, transferred to a 1 litre measuring flask, and about 2 ml ol concen- 
trated HNO.fto prevent hydrolysis of the mercuric salt) and a small amount 
of water are added. When the salt has completely dissolved the solution is 
made up to the mark with water and stirred thoroughly. 
standardised against standard approximately 0*1 N NaC! solution. 

25 00 ml of the NaCl solution is diluted with water to 100 ml and then ti- 
trated as described below. . 

Procedure. 100 mi of neutral chloride solution is acidified with 4 ml ol 

0’2 N HNO, and 10 drops of 1% alcoholic diphenylcarbazone solution are 
added. The solution is titrated with HgCNOs)^ solution until a blue-violet 
colour appears. The calculation is performed in the usual way. 

This method can also be used for determination of bromides, but here 
the acidity of the solution must be O' 15-0*20 N. 

L. M. Kuiberg and N. S. Muslafin proposed /3-nitroso-a-naphthoI as a convenient 
indicator for mercurimetric titrations. In aqueous solutions at pH < 6-5^is compouna 
does not react with HgCl. but forms a red precipitate with Hg(NOa).. This indicator is 
added to the weakly acidic solution to be analysed, in the proportion of 
01 5 ml of saturated alcoholic solution to 10 ml of the solution to be titrated, ana t 


• The terms “mercurometric” and “mercurimetric” are derived from the terms for 
mercurous (univalent) and mercuric (bivalent) mercury. 
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§ H5. Determination of Zinc by Precipitation with Potassium Fcrrocyanide 

The method is based on precipitation of Zn - - in neutral or weakly acid 
solution by standard KJFefCN),) solution. In the case of ZnSO, 

reaction is: 

3ZnSO, + 2K. [Fe(CN)cl = t K.ZnjlFefCN), l, + 3K,SO. 

Until recently the [r'lll^'b^t'o^X^Tt: um^ 

means Of various K,[Fe(CN),l. 

X morlTnvenient internal indicator is now used; this is d.phenylamine 

(see § 82), which belongs to sali of ferrous iron 

K%lfcNrfis ^'idte^^rrrt’pond'rg ferric sflt'^is formed; this is 

fwo“:ris':"rX"'sys.e,?iThfpot'ei’.ial of which is given by the ecuat.on; 

:0058 ._ [Fe(C N)d ~ ~ _ ()) 


E = 0-36 + — j— log ihciCN),] - - 

,, t w fFefCN'ii- 1 solution is added to a measured volume 

Ifasrnallamount of K3 the oxidation potential of the mixture 

of required to change the colour of the added 

IS considerably below inc vaiuu h 0'73-0-79 v), and the latter 

diphcnylamine loTution is titrated with a solution of zinc salt, 

fsXTFff’cN - ionf are precipitated in the form of K.Zn, [Fc(CN)J, 
as the • , ( the solution increases in accordance with Equa- 

the oxidatio^n potent j.. | been precipitated 

r 'polemLr rrs:r'trt'!ie''’:afre‘at i’ich the colour of diphcnylamine 

‘‘’rff htmtio“aK^ be reversed. Solutions of K3 [Fe(CN). ] and di- 
The titration can solution of a zinc salt; the solution then 

phenylamine are added^m a ^^^d [Fe(CN)J. 

acquires a blue vio rtrerinitation of Zn + "*■ ions and therefore the colour 
the latter IS used up P ^ i,ated almost completely 

remains blue-violet untd zn 

K.\Fl(Sff!) lowers thl ixidation potential of the solution so much that 

“ Trifrorr'd "soTut’ions used in this method are approximatel^y 0 05 M 
K,[Fe(S),) and 01 M ZnSO,. The former maybe prepared by exact 

25 - 
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weighing of K.,[Fe(CN)6] » which is obtained as the chemically pure anhydrous 
salt by recrystallisation and drying to constant weight at 100® C; its compo- 
sition corresponds exactly to the above formula. However, it is better to 
standardise K 4 [Fe(CN) 6 ] by titrating the other solution, ZnSO^, with it. 
The latter is prepared from an exact weight (about 6*5 g per litre) of chemi- 
cally pure zinc, which is dissolved in 2 N H,S 04 . The solution is transferred 
to a 1 litre measuring flask and made up to the mark with water. 

The titres of both solutions are best expressed in terms of zinc. For exam- 
ple, to find Tznso,/zn the weight of metallic zinc taken is divided by the 
volume of the ZnSO, solution prepared from it. The titre of the K 4 [Fe(CN )6 ] 
is either found from the equation for the reaction taking place in the ti- 
tration (if an exact weight of K 4 [Fe(CN)r, ] was taken), or calculated by 
division of the number of grams of zinc consumed in the titration by the 
volume of the K,(Fe(CN)6] solution (in standardisation by titration of 
ZnSO,).* 

Procedure. Weigh out accurately enough ZnSO, • VHjO to give an ap- 
proximately O' I M solution when dissolved in water in a 250 ml measuring 
flask. To an aliquot portion (25'00 ml) add about 50 ml of water, 2 g of 
(NH,).SO„ about 20 ml of 6 N H.SO, solution, two or three drops of 
K;,[Fe(CN)r,l solution,** and three 'drops of indicator— l®o solution of 
diphcnylainine in concentrated sulphuric acid. After some time, when a 
blue colour has appeared in the solution, titrate it with the approximately 
0-05 M K,(Fe(CN),-,] standard solution. Continue the titration until the 
solution has been overtilraled by 1-2 ml (until the colour has become yel- 
low-green). 

Now titrate the added excess of K.j[Fc(CN)6] slowly with the standard 
zinc sulphate solution until the colour changes sharply after addition of a 
single drop. Repeat the exact titration two or three time.s and take the 
a\crage reading. 

Apply an indicator correction, equal to 0'05 ml (for three drops of indi- 
cator). to the volume of K,[Fe(CN)6] solution taken in the titration. 

Calculation. Suppose that 34‘(X) ml of K.|[Fc(CN)6) solution with the 
titre TK,|K.,cN,,,]Zn = 0'004912 g/inl was initially added to 25'00 ml 
of the zinc salt solution. 

Back-titration of the excess K,[Fc(CN)c ] took 1’25 ml of ZnSO., solution 

with the litre Tzuso^/zn — 0-006480 g/ml. 

After applying the correction to the volume of K 4 [Fe(CN)f, ] taken we 
have 34'05 ml. which corresponds to 34-05 x 0-0049 12 = 0-1673 g of zinc. 


• For example, if TznSO,/Zn = 0 006480 g/ml and the volume of solution taken 
for the titration is 28 00 ml, then the total weight of zinc in this volume is 0 006480 x 
- 28 00 g. Tliis is divided by the volume of the K,lFe(CN)c] solution taken for the titration 
to give its titre for zinc. 

•• To solution of KjIFefCNlgl solution in water free from CO. is used. It should 
be kept in a dark glass bottle. 



§ 1 16. Complexomeiric Determinalion of the Total Hardness of Water 


389 


However, 1-25 x 0-006480 = 0-0081 g of zinc was added to the solution 

during the back-titration. . a ia 7 i n rinsi — 

Therefore, 25 00 ml of the zinc salt solution contains 0 1673 0 0081 

= 0-1592 g of zinc. This corresponds to 1-592 g of zinc for the whole amount 

weighed out (250 ml of solution). This amount of zinc must now be expressed 

as a percentage of the sample taken. 

§ 116. Complexometric Determination of the Total Hardness of Water 
As was already stated in § 105, in recent years (since 1946) organic re- 

“hf 3mosr«m.?.on"y as Trilon B, the disodium 

salt of ethylenediaminetetraacetic ^cid. 

The structural formula of Trilon B is 

XI ru .CH.— COONa 

NaOOC-^ ^ - . 2H,0 

hooc-chT ch,-cooh 

Triion B. like Cher complexones forms »‘t'\tomro1 

r^cVoH rlo linked by co-ordina.e bonds .o nitrogen 

atoms, as the following structural formula shows. 

CHo— COONa 


NaOOC-CH, 




OOC— CH, 


CH.— N 

/ X, / 


CH..— COO 


\ / 

— Me- 


The very low instability constants -“s'’ilt"aVrhfghfy'S 

=l“?^':V-^andth^o?the Mg^^ 

“Z'“omp?etforming ab.li-y.of Tnlon^B -n^b^ easily de-ns.ra.ed 

experimentally P^'P'r^cipitates dissolve." This occurs because 

concentrated solution of * P . P complexes so that their concentra- 
the respective "^he prod'ctr^ the"^ concentrations [Ca-]- 

rn ^ + 1 ISO become less than the respective solu- 

[C2O4 ] and [Ba J I ^ formula of Trilon B schematically as 

Na,V,Zrtha reamirwTth BaSO, can be represented by the equation: 

BaSO,+Na.; [H.Jr ] ^ Na, [BaTr ]+H,SO, 
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It is important to note that the precipitates are dissolved only in alkaline 
solution', for example, in presenceofNH 40 H. When the solutions are acid- 
ified the complexes are decomposed and BaS 04 or CaC 204 is again precip- 
itated. The explanation is that, as the above equation shows, formation 
of complexes with Triton B is accompanied by accumulation of acid in the 
solutions. Consequently, if H ions combine with OH “ ions from an alkali 
the equilibrium shifts to the right, favouring complex formation; converse- 
ly, if the solution is acidified the reaction equilibrium shifts to the left 
and the complex decomposes. This applies to the formation of complexes 
of any metals with Trilon B. A weakly alkaline solution (pH = 8-10), 
produced by addition of ammoniacal buffer mixture (NH4OH-I-NH4CI 
mixture), is the most favourable for these reactions. 

Trilon B and other complexones have various uses in analysis. For exam- 
ple, they are used as masking agents in separation of cations with hydro- 
xyquinoline, and in electrochemical methods of analysis. However, their 
most important use is for volumetric determination of various cations. 
As an important practical example of such determinations, we describe 
below the complexomelric determination of the total hardness of water, 
i.e., the total content of calcium and magnesium salts. This method is much 
more convenient than the acidimetric methods for determination of hard- 
ness (see § 74), and is more precise. In this method the water is made alka- 
line by addition of ammoniacal buffer mixture and titrated with standard 
Trilon B solution. The usual indicator is Eriochrome Black T, which forms 
soluble wine-red complexes with Ca and Mg + ions.* These complexes 
are less stable, i.e.. they have higher /finsi.** ^ban the complexes of the same 
metals with Trilon B. 

When the indicator is added to the water to be analysed, it forms complexes 
with Ca ^ ~ and Mg'* ions and the colour of the solution becomes 
wine-red. When the water is titrated with Trilon B these complexes are 
decomposed as the result of removal of Ca and Mg’*"'*’ ions, which 
form more stable (i.e.. less dissociated) complexes with Trilon B, and the 
indicator anions go into solution. At the equivalence point the wine-red 
colour of the solution changes to blue owing to accumulation of the indica- 
tor anions. If the indicator is represented schematically by H^R, all the 


• This indicator is also known as Chromogen Black Special ET-00. Its structural 

formula is 


HOjS 


yOH 

,^ 3 _. 


OH 

i 




• • 

Mg ‘ 


The values of K inn- of the complexes formed by the indicator with Ca'^'*' 
ions are 3-9 x 10 and 1x10“^ respectively. 


and 
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processes taking place during the titration may be represented as follows: 


H,R 2H+ + R 

dark lilac Wuc 


Ca++ + R 

blue 


- CaR (at pH = 8-10) 

wme^red 


CaR+Nao[H 2 Tr] = Na 2 [CaTr] + R +2H+ (at pH -- 8-10) 

wincred colourless colourless Wue 

The indicator Eriochrome Black T is used either in solution* or (because 
the solution is unstable) in solid form. In the latter case ■ 

mixed in the proportions of 1 :200 with some indifferent filler such as 
NaCl or KCl. The mixture is ground thoroughly in a mortar, and about 
20-30 me is added to the solution before titration. ^ , x, 

Standard Trilon B solutions are used 
0*05 N and 0-01 N.The molecular weight of Tnlon B is 37. 3. and its gram 

Sent is 1 86.7 g. Therefore, 18-6 g of Triton B jst e weighed om o 
nrenaration of I litre of 01 N solution, and 9-3 g for 1 litre ol U US IN solu 

Son The solution is standardised against a 

sium salt of accurately known concentration ; for c.xampic, 0 01 N magnesium 
sulphate solution prepared^from F.xanal,^ ^ 

nJSSness^ytlusm.h^.C^J-an- 

wUh'VTii:: S to the usual way whhou> nitering tof the P-POaatosul- 

hX7ytorne\\"d7ScL^7dTNH OH^ 

a? h IrrSx^S^pJSrslIcS interfere with the subsequent 

determination of hardness.) contain more 

Procedure. Pipeue out a votome °f 

than 0 5 ■ng-'O of Ca and Mg . ^ ^ Dilute this 

more than 5 ml of 0 1 N or lu m , ammoniacal 

sample to about 100 ml with f 20-30 mg 

buffer mixture.** Now add 7-8 d^opso^^^^^ ^ ^ 

of Its mixture with standard Trilon B solution until the 

dissolved), and ,, a grtnish tinge). Near the end of the 

wme-red colour changes to blue ( I complete disappearance 

^hreddish^to Je^'inifertTanJ dou^bt about the end point, take the read- 

• 0-5 s Of Eriochrome docs not keep for 

and the volume is made up to 100 ml wiin cuiy 

longer than 10 days. ino ml of 20“X NH.Cl solution with 100 ml of 20% 

^J,u";,u« fhl'l^ixtrf tiure ;..h dtoiUed water. 
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ing and add another drop of solution. If the colour changes, the end point 
has not been reached. 

Calculation. We know (§ 73) that the hardness of water is expressed in 
terms of the number of milligram-equivalents of calcium and magnesium 
per litre of water. If the normality of the Trilon B solution is N, then one 
millilitre of it corresponds to N milligram-equivalents of these metals in 
the volume of water taken for analysis. By calculating for 1 litre of water, 
we find the total hardness in milligram-equivalents. 


QUESTIONS AND PROBLEMS 
(on §§ 105-116) 


1. State the conditions which a given precipitation reaction must satisfy before it 
can be used in volumetric analysis. 

2. Calculate and plot the curve for titration of OT N AgNOj solution with 01 N 
NH.CNS solution (SPapcns 10"'=). 

3. What factors determine the e.xtent of the break on the titration curve in the precipi- 
tation method? 

4. A 01 N CaCl; solution is titrated with 01 N Na^O, solution, Find the value of 

pCa at the beginning of the break, at the equivalence point, and at the end of the break, 
taking SPca.'Kii a*' 10"-’. 

.-inswer: The three values of pCa almost coincide (to within 0 01) at 2-11. 

5. What is the principle of titration of bromides and chlorides with AgNOs solution 
without indicators? 

6. Mow doe^ K..CrO, act as an indicator in titration of chlorides with AgNO, solution? 

7. Silver nitrate solution is added to a solution containing Cl" and I" ions. Which 
sail, AgCI (SPf:« 10-") or AgUSPR:; lO"'”) is the first to be precipitated? What is 
the concentration of the first anion to be precipitated at which precipitation of the other 
anion begins, if the initial concentrations of both anions were 0 01 g-ion/litre? 

.•Imufr; 10 " g Ion litre. 

8. \ solution of (Nl!,).^CjO, is added to a solution containing 1 g-ion/Iitre of Ba 
and 0 01 g-ion litre of Ca . Which of these cations is precipitated first, and what 
percentage of it is precipitated at the point when the precipitation of the other cation 
begins? 

.-t/nvter; Ba ; 38'’^,. 

9. In w hat limits may the concentration of CrO,' ions in a 01 N chloride solution be 
varied so that the start of precipitation of AgCrO, during titration with 0-1 N AgNOj 
should not be outside the break on the titration curve? 

Answer: Between 9 • 10~‘ and 0-9 g-ion/litre. 

10. What should be the titration sequence in determination of silver by the Mohr 
method ? 

11. State the conditions for application of the Mohr method. 

12. What is the principle of the thiocyanate method for determination of silver? 
What indicator is used? Why is thiocyanate titration performed in acid solution? 



Questions and Problems 




.3. Wha. are .he -mpUeations W adso 

S‘ *=ly by o^f .heir sai.s wi.h alhab sCuPon. 

r A r*i chsncc when a chloride solution is tiirat- 

ed I'i.h" i^e^"n^'Se^“ofmio'„7'So^ does i. change when .he .i.ra.ion sequence is 
reversed 7 Wha. is .he isoelec.r.c po.n.^ 

15. What is the pnnciple of utration to the clear pomi 

iTexpIL^ tre acaorof adsorption indicators. Illustrate your answer by examples. 

..Si =sts=i.a=-s=s 

18 Wha. is .he prine.ple of mercuron.e.ric de.erm.na.ion of chlor.des. 

::::«i;t-crcnr,.e.r,cde.er.,na.ion of ch.orides7 Wha. ind,ca.ors 

21 Wha. are .he .i.res of 0 05605 N AgNO. solu.,on for. (a) Cl, (b) NaC . 

..nswer; (a) 0-001987 , formed by d.ssolv.ng 

0-3^0 r -Vmo “nll 0-1000 N NH.CNS solu.ion. 

Answer: 85-63"/.. solution .f 25-00 ml of .ha. solu.ion .ook 

23. Find the weight of KCl m -3uim v 
34 00 ml of 0-1050 N AgNO,. 

Answer: 2-662 g- titration took 30-00 ml 

of fn of Which wasV0035.2 g/ml. 

25. Find the weight BaCl^;"„Y°2"5’oO 

40-00 ml of 01020 ° 5 Jk) ml of 0-0980 N NH.CNS solution, 

of the excess silver nitrate look n 

Answer: 2-716 g. ^ 

26. ,ss of wa.er de.erm.ned wi.h .he use of Tnlon B7 Wha. 
is .he stndici;« “f “h^pH^'n .his de.crmina.,on7 Explam your answer. 



CHAPTER IX 
COLORIMETRY 

§ 117. The Principle of the Method 

In analytical practice it is often necessary to determine very small quanti- 
ties (“traces”) of substances present as impurities in various materials. For 
example, the impurity contents of technically pure metals may be measured 
in thousandths of one per cent, the iron or chlorine contents of reagent- 
grade sulphuric acid should not exceed a few ten-thousandth parts of one 
per cent, etc. 

Such small quantities are virtually impossible to determine by the usual 
gravimetric or volumetric methods, because very large samples of the mate- 
rials would have to be taken to ensure adequate concentrations of the 
impurities in solution. In such cases it becomes necessary to use special 
methods of analysis; one such method is colorimetry. 

In colorimetric determinations the quantity of an element (or ion) present 
is estimated from the intensity of the colour of the solution due to the presence 
of a coloured compound of that element. The more intense the colour, the 
higher the concentration of the element (or ion) in solution. If two solu- 
tions under identical conditions and containing the samecoloured compound 
have colour of the same intensity, the concentrations of the given element 
(or ion) in them are also equal. Therefore, if we make, by dilution, the 
colour of an unknown solution exactly the same as that of a so-called 
standard solution, containing the element to be determined in a suitable 
and accurately known concentration, we also make the concentrations 
of the two solutions equal. If we know how much one of the solutions had 
to be diluted for this, we can easily calculate its concentration from the 
known concentration of the standard solution. 

Colorimetric determinations usually boil down to such matching of the 
colours of unknown and standard solutions (which may be effected by 
methods other than dilution). 

A coloured solution may be sometimes formed as soon as the substance 
is dissolved, if this involves the production of ions (such as MnO^ “, Cr 04 , 
etc.) or molecules which have sufficiently intense colour. 

However, much more often a colour must be produced by addition 
of some reagent which reacts chemically with the element or ion to be 
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determined. For example, in colorimetric deie^inauon ofiron ammonium 

Hi [Ti0i(S04)2 ], etc. r^acents which cause coloration of the 

It may also be necessary to .^joured. but the colour 

solution in cases when the ton to b coloured blue, but 

is not intense enough. For examp , jrtrirrK'tric determination of copper 
this colour is too wef. There ore, or ™lonme.r.dae^ ^^Ig^ 

it is usually preferable to convert j fCutNH ,). 1 which 

into the much more intensely coloured complex [Cu(NMJ.J 

is of an azure-blue colour. intensely coloured complex ions 

Reactions involving the CNS “ ions, various organic 

by interaction of metal “““"I"';'': eolorin 'emic determinations, 

compounds, etc., are very often ° ,o extents into their 

It is known that complex tons - dtssoca^e toj^a^^ 

IcuSl ""ion °">in"” 

tCu(NHJ,l^-r-Cu-+4NH3 

It is also known that the 'I""""'"' 

by its instabiliiy conslani. In this case tne inst 


[Cuin[NM=Ar,„„. = 5xlO 

[CutNHJ.l ' ' 


-•X4 


, 1 r *' the less does the complex dissociate and 

The lower the value of Ainst. rne 

the stabler it is. ire very important in colori- 

Values of /finut. o( ^olourc colour, the suitability of a 

metric analysts stability characterised by its The lower 

complex also depends on its sta j ^ reaction of complex forma- 

the value of the n>°;e “mple.e^.s^th ^ 

tion. Therefore, in the case o ion almost completely into 

excess of reagent , a colour which does not alter when 

the complex form, i-c-’ ^ in the case of complexes of high /Cjnst. 

more reagent is added. Conversely, on the amount of excess 

the colour of the solution depends very strong y 

reagent. . . ^ -.j, ^uich the reagent must be measured 

It follows that the P'‘ccjs> the higher the value of /Cmst. the 

out depends on Amst. o* he 

more precise must constants are also inconvenient for 

Complexes with high fj ' ^ is the possibility that they 

colorimetric analysis for , „„5 such as chloride or sulphate corn- 

may be converted into other c of HCl or H. SO, which are commonly used 
plexes, because ot tne prtbcnc 
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for dissolving the substance to be analysed. Such conversion would, of 
course, afiect the colour of the solution and might lead to errors in the 
determination. However, it is known that interconversion of complex ions 
occurs easily only if the complex so formed is more stable, i.e., has a lower 
^iast.* original complex. It follows that the possibility of compli- 

cations caused by the presence of extraneous ions (such as Cl“, SO 4 , 
etc.) in solution increases with increasing /ifjnst. of the coloured complex 
used. 

When reactions of complex formation are used in colorimetric analysis, 
selection of a suitable solvent, which influences /Tinst. of the complex, 
and such reaction conditions as concentration of the reagent used, solution 
pH, etc., are of great importance. 

Apart from complex formation, other reactions, such as oxidation- 
reduction, organic synthesis, etc., are used in colorimetry. For example, 
manganese and chromium are determined colorimetrically by oxidation 
to MnO., “ and CrO, — ions, which are coloured; determination of nitrites 
is based on reactions with the organic reagents a-naphthylamine and sul- 
phanilic acid, which form an intense red azo dye with NOo“ ions, etc. 
Reactions involving the formation of coloured peroxide compounds, such 
as pertitanic acid H^fTiO^ISOj)^] in determination of titanium, are some- 
times used. 

Colorimetric methods are highly sensitive, i.e., they are suitable for 
determining elements at very low concentrations. In addition, they are usually 
simple and are generally much more rapid than gravimetric and in some 
cases volumetric determinations. For these reasons colorimetry is ever 
more widely used in industrial and research laboratories. 

The nephehmetric and turbidimetric methods of quantitative analysis 
are cIo.sely allied to colorimetry, in distinction from the latter, these methods 
arc based on reactions involving the formation of sparingly soluble com- 
pounds; the amount of an element present is estimated from the turbidity 
produced in the solution by comparison with the turbidity of an appropriate 
standard solution. 

In turbidimetric determinations the solution is examined in passing 
light, i.e., the decrease of light intensity caused by the presence of suspended 
particles of the solid phase is measured. In contrast, in nephelometric 
determinations the solution is examined in a direction at right angles to 
the light beam. In this case the intensity of the light scattered by the particles 
of the solid phase is observed. The difference between the two methods is 
shown schematically in Fig. 60. 

The physical basis of all three methods is measurement of the quantity 
of light absorbed or scattered by particles of a substance dissolved or suspend- 
ed in a liquid. These methods are jointly known as photometric methods 
of analysis. Only colorimetric methods are considered in this book. In colori- 
metric determinations the colours of an unknown and a standard solution 
are compared either visually or with the aid of photocells, i.e., instruments 
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which when exposed to light, yield electric current, the strength of which 
depends on the intensity of the incident light. The colour measurements 
in this case are replaced by measurements of the deflection of the needle 

of a galvanometer in the circuit. ■ j. 

In accordance with the observation method used, a distinction is made 
between visual colorimetry and photocolorimetry. 
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In visual colorimetry the result of a determination depends to a con- 
siderable extent on the subjective characteristics of the analyst (the abilit> 
?o perceive sliehl colour differences). Eye fatigue, which may lead to con- 
siderabic errors, also has a strong influence on the precision of the di.Urmi- 
nations Because of all this, the relative error in visual colorimetric detcrmi- 
2ot;^^!urnmnar'itivclv high. At the best it is 2-5*’.. of the quantity measured, 
but it may be 10«i. or more. It should be remembered, however that with 
very low intents of the element to be determined the degree of precision 
required is usually different from that needed with high contents. For e.xam- 
pirin most cases it is quite immaterial whether the content of some e emenl 
in a substance is 00010'’o or 0 001 F’o, although the relative difference 

" Onto other hand, it should be taken into account that in such cases the 
gravimetric or volumetric methods would give even larger errors (i 
they could be used at all). Because of all this we must attach a difterent 
significance to the magnitude of the relative error in determination of 
traces of impurities than in determinations previously described. 

There is no doubt that the photocolorimetric method is more objective 
than visual colorimetry and can therefore give more precise results. However, 
its advantages in this respect should not be overestimated Detailed inves- 
tigations have shown that photocells also have “subjective characteristics 
for example dependence of the sensitivity of a photocell on the spectral 
characteristics of the light used, “fatigue” of the photocell, etc. 
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The main advantage of photocolorimetry over visual colorimetry is that 
the analyst’s work is easier because eye fatigue is avoided, and that this 
method can be applied to automate production control. 


§ 118. Laws of the Absorption of Light by Solutions 

Before we consider methods used for colorimetric determinations, we 
must examine the laws governing the absorption of light by coloured solu- 
tions. 

If a beam of monochromatic light of intensity /„ falls on a homogeneous 
layer of some substance, part of the light (of intensity /,) is reflected from 
the substance, part (/„) is absorbed, and part (/,) is transmuted through 
the layer, so that 

/„ = /,+/„+/, ( 1 ) 

In the case of aqueous solutions, which are generally used in colorim- 
etry, Ir is small in comparison with and /, and may be disregarded 
without appreciable error. We therefore have 

The value of /„ depends almost entirely on the presence in solution of 
molecules or ions of a coloured substance which absorbs light much more 
than the solvent (water, alcohol, ether, etc.). 

Thus, in passing through the solution the light beam loses some of its 
intensity; the loss increases w’ith the number of molecules or ions of the 
coloured substance which it meets in its path. However, the number of mole- 
cules or ions met by the light, and therefore the loss of intensity, depends, 
in addition to the nature of the substance absorbing the light, on the con- 
centration (C) and the thickness of the layer of solution (/i) through which 
the light passes. 

This relationship can be represented by the following formula: 


log-^ = diC 


( 3 ) 


Here the quantity log ^ , which is a measure of the weakening of the 

liglit as it passes through the solution, is known as the extinction or the 
opiical Jcnsity of the solution.* 

The constant s depends on the nature of the absorbing substance and 
on the wave length of the light. If the concentration C is expressed in moles 
per litre tliis constant is known as the molar extinction coefficient of the 
solution. 


* The optical density of a solution is sometimes denoted by D. 
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Formula (3) is an expression of the law for absorption of light by coloured 
solutions This law (the Lambert-Beer law) may be stated as follows: the 
optical density of a solution is proportional to the product of the concentration 
of the absorbing (coloured) substance and the thickness of the layer of solu- 
tion. 

From Equation (3) we have 

Is. = 10*^^ 
h 


and hence 



The •heore.ical deriv^ion 61, in .he 

directton indicated by the jrows^ cons 

s£“a"n« S we ma'y assume that the intensity of the hgh. ,/. passing 

"mbg Ihe'di^rto^Tugh. intensity (-<f/) proportional to the intensity / in the 
layer and to the thickness dh of the layer, we can write. 

= Kildh 


I 


or 


5 


1 


= — K^dh 


where K, is a proportionality factor. 
Integrating this equation* we have. 

r 0 


J4 = 


dh 


I. 


or 


In iii * Kih 

h 

Converting from natural to common logarithms, we have: 

\ogIs. = 0-4343 Kih *= e,A (7) 

f h 



Fig. 61. Absorption of 
light by a solution 


^'’touitThe 'wme way. assuming the change of light intensity (-d/) due to an infinites- 
imi" in^MaVtohrMncentralion of the absorbing substance to be proportional to / 

and dC. we havei ^ 

Integration of this equation between /„ and /, and between 0 and C and conversion 
from ntoral to common logarithms gives the expression 

log-^ = r,C (8) 

U J 

It is clear from Equations (7) and (8) that the optical dcnsity(log )is proportional 
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both to the thickness of the layer of solution and to its concentration. However, a quan- 
tity which is proportional to two other quantities is proportional to the product of those 
quantities. We can therefore write: 

log A = ehC 

it 

(the Lambcrt-Becr equation). 

So far we have considered the transmission of monochromatic light, 
accompanied by a decrease of its intensity from Iq to /,. In the case of white 
light, because of the unequal absorption of light of different wave lengths 
by the coloured substance, the solution acquires a colour complementary 
to the colour corresponding to the absorbed light. The colour intensity 
should vary with the concentration and the thickness of the layer of solution 
in accordance with the Lambert-Beer law. Therefore, this law can be 
applied to colorimetric determinations based on comparison of the colours 

of solutions. 

Let us consider a corollary of the Lambert-Beer law as used in comparison 
of colours in visual colorimetry. Suppose that we have two solutions (un- 
known and standard) containing the same coloured substance at concentra- 
tions of Ci,n. and Ct. with layer thicknesses of h^a. and (cm) 

respectively. Using the Lambert-Beer law, we can write for the two solu- 
tions: 

log-^ = fCun./lun. 
h 

log 4?-= eCsi./(st. 

Since the same coloured substance is present in both solutions, the 
constant e has the same value in both equations. The same applies to /o» 
since both solutions are illuminated equally. If the thicknesses of the solution 
layers through which the light passes are so chosen that both solutions 
appear of the same colour. /, and /,' must also be equal. The left-hand 
sides of the two equations are then equal to each other, and therefore the 
right-hand sides must also be equal, i.e., 

^^un. “ 

and 

Cuii.^*un. “ Cst./lsl. 

Equation (9) shows that when the colours are of the same intensity the 
product of the concentration and layer thickness is the same for both solu- 
tions. 

Since the concentration of one of the solutions is known, we can tind 
experimentally the ratio of the layer thicknesses /»8t..'/tun.when the colours 
are equal, and then calculate the unknown concentration Cun. from 
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Equation (9). This concentration is 


C’un. — ^st. 


/»st. 

^un. 


( 10 ) 


The above explains the principle of the balancing method 
tion of the colours of the unknown and standard solutions, which 
method most commonly used in visual colorimetry. 

8 119. Conditions for AppUcability of the ^mbert-Beer Law. 

Influence of the Medium pH 

The anDlicability of the balancing method in colorimetric deiermi- 

concentrations only provi^^^^^^^ 

molecules 1 is true for solutions of permanganates, chromates. 

In such c«es the substance, varies with the concentration. Evi- 

dLuy°EquadL (9) is fhen inapplicable and the balancing method cannot 

hT w\?n tkis 

HA„rHA-H + +A- (1) 


colourless yellow 


yellow 


The (apparent) dissociation constant of picric acid is calculated from 
the equation*** : 


[H ^1[A -1 
[HA„1 


= K 


TU-C tanti.finn Shows that when a solution of picric acid is diluted the 
co^ourlesfAAo molecules should disappear from solution while the con- 

‘“^rf tL'^hifkil^rs of;h\"'liqui?ra“;eV”s"hXd.^m nght passmg through 

the iftrue^'inhe solution c^ncLtrltion irhaJvfd.TovWed 

iL'rhfsIbsmre^bejrtU Lambert-Seer law. However, when a solution 

.t Here°'lS^f Ikf HA^epres"”' two uiu.omeric forms of picrie acid, which have 
differen^loure^^tjou jj,is equation is given on p. 223. 

26 — 0001. 
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of picric acid is diluted, equilibrium (1) is disturbed and the concentration 
of A “ anions is decreased by less than one half. Therefore, we cannot assume 
that the one is equivalent to the other, as is done in the matching method. 
The same applies to most other cases when equilibrium between differently 
coloured forms of a particular substance is disturbed by a change of con- 
centration. For example, in the most usual case of formation of a coloured 
complex (XR) by the reaction between an ion to be determined (X) and a 
reagent (R), the reaction equilibrium 

X+R XR 

is determined by the equation for the instability constant of the complex: 

WIR] _ I. 

[XRJ “ 

This equation shows that the coloured complex should dissociate when 
the solution is diluted. Therefore, the decrease of the colour intensity when 
the solution is diluted is more rapid than the decrease of the total concen- 
tration of the complex. It follows that the Lambert-Beer law is inapplicable 
in this case too. However, if an excess of the reagent (R) is used, dissocia- 
tion of the complex XR can be suppressed so much that deviations from 
the Lamberi-Bccr law become negligible. In order to achieve this, the solu- 
tion is usually diluted not with water but with a solution of the reagent, the 
concentration of which is thereby kept constant. 

The magnitude of the observed deviations from the Lambert-Beer law 
also depends on the value of complex. The lower this value, 

ilic less are the deviations and tlie less is the excess of reagent needed to 
suppress the dissociation of the complex. 

Hydrolysis of a coloured substance, increasing with dilution, may be 
another cause of deviations from the Lambert-Beer law. It is known that 
hydrolysis is prevented by adjustment of the solution pH. The influence 
of pH must also be taken into account in other cases. For example, the 
colour of a picric acid solution must evidently be very much influenced by 
the pH of the solution. The concentration of the coloured anions must in- 
crease \\ ith increase of pH (i.e., with decrease of [H ]), and vice versa. 

Similarly, the pH of the medium influences the colour if the substance 
is a weak acid with coloured anions or a weak base with coloured cations. 
It was noted iti § 23 that solution pH must also be taken into account during 
formation of complexes if the ligands are NH3 molecules or anions of 
weak acids, which can combine with hydrogen ions to form the more stable 
complex NH, or undissociated molecules of the respective weak acids. 

For example, the complex [Cu (NHj)^ ] decomposes as follows when 
its .solutions are acidified: 


[Cu(NH3)^ ] ^ ^ + 4 H + = Cu + + -1-4NH4 + 
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and the intense blue colour changes to pale blue. It is known (§ 78) that the 
H + ion concentration also has a very strong influence on the course of many 

oxidation-reduction processes. 

§ 120. Influence of Extraneous Ions on the Colour of Solutions 

or combine with it without forming a product, 

"“I 

dther°Sy“arofbrphy:.cal methods,. Let us consider the most impor- 

tant chemical methods used method for eliminating the 

The most important This method, widely used in 

influence of extraneous ions > V ‘ The interfering exira- 

r clVex (MQMmuld re n^ complex (MR) formed 

by the ‘"‘crfering ion (M) provided by the colori- 

An example of the use of n A thiocyanate 

metric ‘‘ctermmat.on of the C _ of pe+. r ,ons is 

“i- - ” ! ii “ 

pyrophosphate, and diminated* by a change of its valence. 

An interfering ion can ^isq be prevented by reduction 

orp"- 

NHiCNS. , , ■ I .^rovri k achieved by a decrease of the concentra- 

Sometimes the dcMrc^ Tf complex with 

Jhe"e°xtraneouTcation\MR), whcrcas .hc more stable complex with .he 

cation to be determined (XR) is form coloured com- 

ple^xes with dw“r^ag:nfw but a.s^o when such a complex ,s colourless 


• Sec p. 408 with reference to the use of the comparator. 
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but the concentration of the reagent in solution is greatly lowered by its 

formation. _ ^ , . . 

To prevent this, an excess of reagent is added so that enough is present 

to combine both with the cation to be determined (X) and with the extra- 
neous cation (M)* , . ^ 

In colorimetric determination of cations it may be necessary to take into 

account the presence of anions which can form compounds or complexes 
ofa low degree of dissociation with the cation to be determined. It is usually 
much simpler to eliminate such anions than to eliminate interfering cations, 
especially since the anions are generally introduced with the solvent, the 
choice of which depends to some extent on the analyst. 

In practice it is necessary to reckon with the effects of Cl SO4 and 
PO., anions which, by forming chloride, sulphate or phosphate com- 

plexes with the X cation, make formation of the coloured XR complex in- 
complete and thereby weaken the colour. This effect of the anions (pp. 395-96) 
becomes appreciable only if the XR complex is insufficiently stable. In 
order to diminish the influence of these anions on the result they are often 
added in roughly the same concentrations to the corresponding standard 

solutions. • • n 

If for any reason it is impossible to eliminate the interfering influence 

of extraneous ions by masking or other means, separation reactions have 
to be used. In colorimetric analysis it is usual to determine extremely srnall 
amounts ofa particular clement in presence of large amounts of a principal 
component; therefore, the element or ion which is to be determined, and not 
the principal component, should be separated by precipitation (p. 103).* 
Otherwise, tlic result will be much too low because of coprecipitation effects. 
Sometimes the clement to be determined may even be coprecipitated com- 
pletely. 

It was pointed out in § 27 that coprecipitation effects do not always 
interfere with analysis, but may also be utilised for separation of traces of 
various impurities from solution by precipitation with a “collector . This 
technique (p. 95) is of great practical importance and is often used in col- 
orimetric determinations. 

For example, in analysis of metallic copper it is necessary to determine 
very small amounts of arsenic, phosphorus, bismuth, antimony, and other 
elements. They arc first concentrated and separated from the main bulk 
of the principal component (copper) by precipitation with a collector, 
A weighed sample of the copper is dissolved in nitric acid, the solution is 
neutralised, FcClg solution is added, and Fe-^ + ions are precipitated by 
addition of Na.,C03 solution. This gives a very bulky amorphous precipi- 
tate, consisting of ferric hydroxide and basic salts, which acts as a collector. 
All the trace components are precipitated with it almost completely. The 


• The precipitate is subsequently filtered off, washed, and dissolved, and the solution 
is analyst. 
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“concentrate” is separated from the solution (which contains most of the 
principal component, copper) and dissolved in a suitable acid. This gives 
a solution containing the trace components in high enough concentrations 

for quantitative determination. • j i i , „ 

Aether method is extraction of the ions to be , ‘ 

is shaken with an organic solvent which is immiscible with waKr. The 
coloured compound of the element to be determined. thji aef on 

of a suitable reagent, is extracted from the aqueous solution and passes 
into the layer of ^organic solvent, so that the ion in question is ^ep^traud 
from interfcring ions and is concentrated. An example of this method is 
[rex^Trlcti^roVthiocyanate complexes of iron co^^^^^^ 

certain other metals by means of ethyl ether am> 1 alcohol CjHnOH, 

rnTs"miirr sXms. It is known (§ 35) that the advantage of extraction 
over precipitation is that the intcrfacial area in the former method is not 
large an^adsorption effects, which interfere in very many ^^P^^ations 
are elimiMmd alLst entirely. In addition, the separation is usually effected 
much mom rapidly than by precipitation with subsequent filtration and 

''Tn‘e"xia°ctl' Hh- - dis.ribu.eU ta.ee,, ,„e or,a„ie soHe.„ 
in extraction, g concentrations in the solvent and water 

71^ ,MS ra,>o >s k„o.„ as ,>,e 

^117 dis, riba, io„ la.-^ can be represented mathema.ically by 

the equation 


W 


C .• / 1 \ cKrAwc Ih^t the distribution is independent of the solution 

Equation of the substance in the aqueous phase 

(C r." deTea ed ts i" '"c organic layer (C„) diminishes 

(C^) IS decreasea, . j^ucccssivc treatment of a solution with 

m the same J*! solvent wc can achieve almost complete extraction 

fresh portions of ^gan.csolvcm ^ 

of the required substan nnmhcr of cases complete extraction is not 

ciently high. J" determination. What matters is that the degree 

“a7tiS;%"bc"H'rame for both the unknown and the standard 

solution, and '"|,“8^“|nent^ wi h Eq^ molecular 

We must point out, however, ina substance is 

weight of the substan s ihc equilibrium becomes more compli- 

LtTTf’tht Tubsmu:: ^^po';ySsed hy^ombinaiion of i.s mo.ecu.es inio 


* Here C. and C„ are the eoneentralions of the substance in the- org,inic solvent 

“l*,f;„rj?^emcmbcred Ihal we have already met the distr.bulion law in relation 
to isomorphous coprccipiiaiion (p. 100). 
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pairs when it enters the organic layer: 

2A:? Aa 


in water 


in organic 
solvent 


then at equilibrium 




= K 


( 2 ) 


In this case, if the concentration of the substance in the aqueous phas 
is halved its concentration in the layer of organic solvent is reduced to 
one-quarter of the previous value, so that the effectiveness of repeated 
extramions is greatly diminished and virtually complete extraction is much 

more difficult to achieve. . Wanse 

At the same time, complete extraction is necessary 
here the degree of extraction depends on the concentration and is the same 
for the unknown and standard solutions only if their concentrations 


qua!. 


§ 121. Methods of Colour Comparison 


For determination of the concentration of an unknown 
comparison of its 

be compared under identical conditions. Accordingly, the following proce 

diircs are adopted in colorimetric determinations. 

1. The same reagents arc added, in the same sequence and in the same 
uuantiiies.* to both the standard solution and the unknown solution. 

2. The reactions with both solutions are performed simultaneously as 

very often the colour changes with time. th#* 

3 If the unknown solution contains extraneous ions which influence the 

colour, and their influence cannot be eliminated by any 
nialcly the same amounts of these ions arc introduced into the standard solu- 
tion. It is ob^ious that if the colour due to extraneous ions is too intense 

colorimetric determination may be impossible, 

4 Tlie colours of the unknown and standard solutions are compared 

in exactly similar vessels, made from the same kind of glass, and the two 

solutions must be illuminated equally. 

The eye is incapable of estimating quantitatively differences of colour 

intensities; therefore, in visual colorimetry the atm is to equalise the colours 
of the solutions compared. 

If we know how the colours have been equalised, we cari easily calculate 
the concentration of the unknown solution. The following methods ot 

^ It Ivis already been stated (p. 395) that equal amounts of reagent added 

when Xin^i of the coloured complex is relatively large. In the case of complexes with 
very lo.v values of A-'inst excess of reagent has virtually no effect on the colour. 
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visual colorimetry are distinguished, in accordance with the method used 
tion IS prepared but a senes, ^ ^ of copper 

the element to be determined. For example, in ine ,.„ndard CuSO, 

by this method, progressively .ncrcas.ng ° , „,u^es 

solutions are measured out mto a ser.es of -m.lar test^mb q 

ofNHpHareadded.o each to^^^^^^^ „p „.e same volume 

ly coloured [Cu NHAl ^ colorimcric scale, which md.cates 

fh^coTouTs corresponding to different concentrations of copper ,n solu- 
tion. . with NH.OH solution and 

therdrSTuh^^'ar u:df «ae.l^y tlty The colour .s 

colours correspond to equal coppe • ^ ^ standard 

that the colour of in 20 ml. then this is also the copper 

:rm^^ofr:::£no..so.uti^ 

i^rnVry between the tw.. or approximately 

4-25 mg per 20 ml.* .erics the concentrations of the unknown 

Since in the method this method can be used 

and standard solutions are eq c i ^nibcrt-Beer law. Its advantages 

with substances which ^ ‘t^s obvious that this is true only if 

are simplicity and ’ With single determinations 

numerous determinations have justified and this method 

the time required for preparatu^^^^ unstable and varies with time 

is not convenient, especially i t ic^c substance. Such instability 

because of chemical ^ frequently. Sometimes this 

makes it necessary to ver, y and ^ u,e coloured 

l^^^tfuccs, similar to It in colour hut 

■"?:r 

pH values can be very succes^ y colorimetric scale 

Slr^nbi:in:i:‘^nSssu,^y^^^^ 

srtrs°t“chtmndarSs:m.y bemused if a relatively low accuracy is accept- 
able. 

, , ^ cu ^ content can be determined more precisely by a combination 

of dilution method (sec below). 
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In the preparation of a colorimetric scale the lowest concentration of the 
element to be determined is usually taken close to the sensitivity threshold 
of the reaction used. The highest concentration should not be more than 
20 times the lowest, because visual comparison of very intense colours is 
extremely unreliable. 

Selection of the background against which the colours are compared 
visually is of great importance. Coloured solutions must not be examined 
against a brightly lit window; too much light enters the eye. which soon 

becomes tired. It is best to compare colours against 
a background of milk-white glass or white paper, 
in a well-lit room under diffused light. 

The work is made much easier by the use of 
a comparator (Fig. 62). The comparator is also 
convenient because with its use it is possible to 
eliminate the influence of the intrinsic colour of 
the unknown solution (if it is not too intense) on 
n the result. To do this, a test tube with the unknown 
solution and added reagent is put into socket 4 
of the comparator, and a similar test tube contain- 
ing water is put into socket 3 opposite to it. Sockets 
2 and 6 contain tubes with the corresponding stand- 
ard solutions from the scale, and sockets 1 and 5 
Fig. 62. Comparator: contain tubes with the unknown solution without 

reagent. The colours are examined through the 
openings; iy.// lighc filters horizontal Openings 7, 8 and 9 which run tnrougn 

the comparator. 

The visual impression produced by the unknown solution coloured by 
the reagent in tube 4 is made up of : (a) the colour of the compound formed 
by the element to be determined and the reagent; (b) the intrinsic colour of 
the solution under test, which depends on the presence of coloured extra- 
neous substances or ions. Exactly similar optical addition of colours occurs 
in the comparator with the standard solutions, as the light passes not only 
through these solutions but also through the unknown solution not coloured 
by the reagent (in tubes / and J). The influence of the intrinsic colour of the 
solution on the result of the determination is thereby eliminated. 

Light filters (10, 1 1) placed behind the horizontal opening (7, 8, 9) of the 
comparator are sometimes used. In their presence the differences between 
colour intensities are replaced by shade differences, which are easier to 
detect. For example, if yellow solutions are compared with the use of a 
blue light filter, they appear more green with increasing intensity of the yellow 
colour. 

The Dilution Method. In this method only one standard solution is pre- 
pared, and its concentration is made equal to that of the unknown solution 
by gradual dilution of the solution with the more intense colour. This 
dilution is usually performed in glass cylinders (Fig. 63) graduated in milli- 
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litres and tenths. The cylinders arc placed m a Sweden 'vith a rndk- 

white glass screen One of the solunons^ts^dduted^^^^^^^^ 

exactly similar (when Viewed fro and the litre of the unknown solu- 

r r ‘"f tl. standard solnt.on 

^g^pose, for example that 

F.r. of the standard f f "f, ^ ‘'VI.“ro^^^ 

is diluted with water to volume addition of the reagent, 

volume F„„. of the unknown ^°l“''°"'^h;‘^Vat hs colour is the same as 
is diluted with water to volume u^.d. calculate the litres (Tst.d. 

that oahe diluted One ml of the 

originaT standard leioluTAhe element 

ment to be determined. The total wu.h^^ 

taken is therefore ?. ,• ,/ nil • therefore 

weight of the element is contained m Ist.-i. nil. 


Tst. ii. 


Tsui's!, 
ni-.i. 


( 1 ) 



Similarly, for the unknown solution we can write: 


_ Tiin.l^un 
uii.tl. — t^und. 


( 2 ) 


'20 


1 rho two diluted solutions are the 

Since the colours o£ Therefore, from Equations 

same, we have Tun.d. ‘st.o.- 
(1) and (2) wc have: 


Tiin.V'.m. 


and 


Tun.” Tsl. t'„„.Kst.«l. 


( 3 ) 


- I 


-1[ 



Fie- 63. 
Graduated 
cylinder for 
colorimetric 
determinations 
by the dilution 
method 


.4 f^r r'llcuhilion of the results by the 
This formula is used f®*" . 5 „uablc if the solutions 

dilution rnetliod. This me i ^ If the colour difference 

compared are fairly ‘^^^I^^.^ccurate enough. 

is considerable, the resuU solution is intermediate 

If the colour of an ^..^ndard series, a more 

between two solutions T ^ (-ombination of the two methods, 

precise result can be obtaineu y matches 

The unknown solution “ilut From the known 

that of the less Fe unknown solution it is easy to calculate the 

increase m the volume o For example, if the unknown solution 

rs“d" lu°L‘'’from M OO to 22 00 ml to make its colour match that ol a 
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Standard solution containing 4 mg of Cu in 20’00 ml, the weight of 
Cu'*' in the unknown solution must be 


4 X 2200 
2000 


= 4*4 mg 


Colorimetric Titration. In this method too only one standard solution 
is prepared, but its colour is adjusted to match the colour of the unknown 
solution by a gradual increase of its concentration on addition of a standard 
solution of the component to be determined from a burette. 

Exactly similar cylinders (or test lubes) 2-2’ 5 cm in diameter and 25-30 cm 
high are used for the determinations. One of the cylinders contains the 
unknown solution with the required amount of the reagent to produce 
the colour. The other cylinder, used for preparation of the standard solu- 
tion, contains the same amount of the reagent and, as far as possible, all 
the impurities (salts, acids, etc.) present in the unknown solution. Both 
solutions are then made up to the same volume with water and the colori- 
metric titration is started. A standard solution of the component to be 
determined is added gradually from a burette, with thorough stirring, into 
the second cylinder (containing only the reagent and impurities) until the 
colour exactly matches that of the unknown solution. If the volume of 
standard solution required for this is considerable, so that the volume of 
the liquid in that cylinder is increased appreciably, the unknown solution 
is also gradually diluted with the same amount of water. 

The volume of standard solution added is found from the burette reading 
and is multiplied by its titre; this gives the amount of the element in the 
standard solution prepared as described above. Since its colour matches 
that of the unknown solution and the volumes of the two solutions are equal, 
tlic amounts of the given clement contained in them must also be equal. 

Tlie coloured substance need not conform to the Lambert-Beer law either 
in colorimetric titration or in the method of standard scries. Colorimetric 


titration gives fairly accurate results (relative error about 2-5®o)» ^^d is 
therefore often u^'Cd in practice. 

The Balancing Method. The principle of this, the most useful colori- 
metric method, based on the Lambert-Beer law. has already been discussed. 
The dillcrcncc between the colour intensities of the unknown and standard 
solutions is eliminated and the solutions are “balanced” by suitable alter- 
ation of the thickness of ojk' of the layers. 

With solutions of coloured substances (p. 401) which obey the Lambert- 
Beer law, when the colour intensities are equal the product of the depth 
(thickness) of the solution layer and its concentration is the same for the 
standard and the unknown solution, i.e.. 


Hence 



/-• /-• hsx_ 

'-un. — — 

^uo. 


( 4 ) 
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This is the formula used for calculations of the results obtained by the 

balancing method. , . 

Special instruments, known as colorinieiers. are used for comparison 

of colours by variation of the depth of one of the solutions. 


§ 122. Colorimeters 

The simplest colorimeter, of the ■'draining" type (Fig. 64) consists of 
two exactly similar graduated cylinders contained in a special stand OM.r 
a milk-whke glass screen. These cylinders are provided with taps through 



Fig. 64. Simple colorimcicr of ihc 
draining type 


Fig. 65. Immersion colorimeter and the simplified 

optical path through it: 

/ _ mirror: 2. 2a — cupi: i. So - glj.is c>Jintler5; 

4, 4a — prisms; S — lenses. 6 — e)K-riecc; * 'a - racks 


Which the liquid in them may be drained off. The standard solution is put 
in one of the cylinders, and the unknown in the other. The cylinders arc then 
viewed from above and the solution of the more intense colour is slowly 
drained off into a dry beaker placed underneath. When the colours of the 
solutions are exactly the same the draining is stopped. The depths of the 
standard and unknown solutions are then read off from the graduations 
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on the cylinders and formula (4) is used to calculate the concentration 
of the unknown solution. For greater precision the experiment is repeated 
several times and the average reading is taken for each of the solutions. 
These average values of /ist. and h^n. are used in the calculations. 

The immersion colorimeter shown in Fig. 65 is the most widely used. 

Light falling on the mirror 1 is reflected upwards and passes through 
the standard and unknown solutions contained in the cups 2 and 2a. It 
then passes through the solid (or hollow but sealed at both ends) glass 

cylinders 3 and 3a., is internally reflected twice in the 
prisms 4 and 4a, and reaches the eye through the lenses 
5. When the observer looks through the eye-piece 6, he 
sees the field as a circle split along its diameter into two 
halves. One half is illuminated by the light which passed 
through the standard solution, while the other by light 
from the unknown solution. With this device it is much 
easier to compare colours and to detect more accurate- 
ly when matching is obtained by variation of the 
depth of one of the solutions. This variation is effected 
by raising or lowering of one of the cups by means of 
the racks 7 or 7a at the back of the instrument. This varies 
the immersion depth of cylinder 3 (or 3a) in its solution 
and therefore the depth of the solution layer through 
which the light beam passes. 

These depths (//gt. and /jun.) of the two solutions are 
Fig. 66. Vernier measured by means of scales (with millimetre divisions) 
reading placed along slits at the back of the instrument. In 

these slits two small vernier scales can be moved by 
means of racks, so that tenths of a millimetre can be read off. The 
verniers are connected to the supports of the cups 2 and 2a and when 
the knobs are turned tliey move together with the cups. 

When taking a reading, note the division on the scale 1 immediately below 
the zero division of the vernier 2 (Fig. 66). This gives the number of whole 
millimetres in the measured depth. To find tenths of a millimetre, note 
which vernier division coincides with one of the scale divisions. For example, 
if the zero on the vernier scale has passed scale division 42 and the seventh 
vernier division coincides with one of the scale divisions, the depth of 
the liquid is 42-7 mm (Fig. 66), etc. 

For a determination, one of the cups is adjusted so that the glass cylinder 
3 (or 3a) is immersed in its solution to about half-way down. The position 
ol the other cup is altered by means of the rack until the two halves of the 
field of vision appear to be of exactly the same colour intensity. The depths 
of the standard and unknown solutions are then read off, and formula (4) 
(p. 410) is used to calculate the concentration of the unknown solution. 

Care must be taken, when using the colorimeter not, to scratch the care- 
tully ground bottom plates of cylinders 3 and 3a through which the light 
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passes, because damage to these plates makes the colorimeter useless. Damage 
is most frequently caused by careless removal of the cups from the colorim- 
eter for filling. The strict rule must therefore be to remove the cups on y 
after they have been low ered to the extreme bottom posttion by means of the 

'^'^Great care must also be taken to avoid overflow of liquid from the 
cups when the glass cylinder 3 and 3a are lowered 

done as follows. Raise the cups to the extreme top position and fill them 
almost to the top with distilled water from a wash bottle. Now lower the 
cups to the extreme bottom position and mark the liquid levels in them 

^Subsequently the cups are filled with the standard and unknown solutions 

"'r usrnV°he'’clHmtter, avoid eye fatigue and strain, as after several 
observations the eye becomes less 

intensitv Therefore the observations should be made in a comparaiiseiy 
dark room and the eyes should be rested for 30-40 seconds at mtervals 
o?20 seco^l^ds It is also possible to make the observat.ons alternately f.rst 

Onrof the advantages of the colorimeter is that it is easy to 

ca°ro: Ip^cate obser^on^wMch — .ror 

slL"7d'a::d":klwn'l’oi:irnr^h'r;i, or, meter „L a,, ays he reperne,/ 
Standard . defects in the optical system ol the colon- 

Teveral observabons the cups are changed over and the observat.ons 

^'sincr d^trminations by the balancing method are based on Equation (4) 
S>ince oeicrmm j Lambert-Becr law, the method can be used 

It if"he"oloureTrob'ranc: obeys this law fairly accurately (see § 119). 

§ 123. Photocolorimetry 

- . 1 described above for comparison of colours, other 

exfrn°pt,irSrows from .He equauon 
/, .= /..xlO'W'C 

(p. 3,„ that the inte^ib of [i^ ^ 

S“th“t' tom U is poss,Wc to vary / by means of diaphragms through which the 

ligM beam passes which is not considered in detail here. 

This principle baj is photocolorimetry. 

Similarly, we ^inations (p. 397) the inicnsily of the light emerging from 

In ^ ihe strength of the photoelectric current produced by illu- 

thc solution ‘s Cittmat^ surface of a^photocell and recorded by a galvanometer m the 
mmation known as phoiocolorimeters are used for the purpose. They 

rS',w?^^;i=rk~'h"e ••sing, /tom” and the ••double-beam”. 
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A diagram of A. L. Davydov’s single-beam photocolorimeter is given in Fig. 67. 
Light from the incandescent lamp / is converted into a parallel beam by the lens 2, passes 
through a suitably chosen light filter 3 and the solution in the cuvette 4 to the photi^ll 
5 connected to the galvanometer 7 through the switch 5. The light source is a 6-12 v 
lamp, similar to those used in car headlights, fed from a battery 9. 

Constant light intensity is decisive for accurate operation of the instrument. Healing 
of the lamp filament is regulated by means of two rheostats in the circuit: 11 (for coarse 
adjustment) and 8 (for fine regulation). 

For the determination, the cuvette 4 is filled with water (or with blank solution ). 
the lamp / is switched in by the switch iO, and heating of the lamp filament is adjusted 


5 U 3 2 



d 


rig. 67. Schematic diagram of a single-beam photocolorimcter: 

/ — inc.indcsccnl lamp: 2 — lens: 3 — light filter; 4 — cuvette: 5 — photocell: 
o — switch; r g.ilvanomcier; S — fhcoslat for fine adjustment; 9 — battery; 
to - switch; // — rheostat for coarse adju&ttnent 

by the rheostats 11 and S so that the galvanometer needle is on the 100 division of the 
scale. Water (or “blank” solution) is then emptied out of the cuvette, which is filled 
with tlie unknown solution (coloured by addition of reagents) and the galvanometer 
reading is noted (r/iiu.)- As the deflection of the needle is proportional to the intensity of 
the light reaching the photocell, these data can be used for calculating the optical density 
of the solution due to the presence of the coloured substance in it. Its value is 
gi\cn hy the formula: 

Dmm =■-• log = log = 2 — log Oun. 

'tin. ‘^un. 

Bs the Lambcrt-Bcer law the optical density (for a constant layer thickness) is propor- 
iion:il lo the concentration (CunJ of the given element in solution; therefore, w'e repeat 
the above procedure with the standard solution, calculate its optical density, which is 

. 100 
0 - 1 . = log- • 

Ost. 

• A solution containing the same amounts of substances (including the reagents added 
as the sample for analysis, but without the element to be determined. 
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and we can then write 

Cun. 


Dun. 


or 


Cun. ^ Cst. 


D 


un 


Cst. 

However, it is more convenient to determine once and for all the optical densities 
corresponding to different concentrations of the 
element with the aid of a series of standard solu* 
tions with progressively increasing concentra- 
tions. The data so obtained are used for plot- 
ting a “calibration graph” (Fig. 68). which is then 
used in analysis for finding the concentration ol 

the given element graphically. 

Double-beam photocolorimeters, also known 
as differential photocolorimeiers. differ from 
the single-beam type described above in that they 
have, with a common light sour<x. two similar an 
symmetrical optical systems (Fig. 69), each pro- 
vided with a diaphragm. The two photoce ls are 
SO connected in the common circuit that thci 
respective photoelectric currents are opposite in 

direction. , , j 

Accordingly, if the colours of the siandard 

and the unknown solutions are equal in inten- 
sity, the light transmitted through them producer 



0.2 O.U 0.6 0.8 10 
Content of element, % 

Fig. 68. Calibration graph 
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difference between the photoelectric currents, which can be either measured from the 
deflection of the galvanometer needle or balanced by means of a special recording drum 
connected to one of the diaphragms. The advantage of this instnment is that the results 
are entirely independent of any voltage fluctuations in the lamp filament circuiL 

In conclusion, it may be noted that the photocolorimetric method is used in volumetric 
analysis for determination of the equivalence point in titration. ... 

The theory and methods of colorimetry and photocolorimetry are discussed m detail 

in special manuals and articles. 

§ 124. Determination of Copper in Copper Sulphate Solution 

Various methods are available for colorimetric determination of copper. 
The ammonia and the ferrocyanide methods are the most useful. 

The reagent used in the ammonia method for producing the colour is 
■NH,,OH solution, which gives a scries of blue ammonia complexes of differ- 
ent co-ordination numbers with the Cu "*■ ion. Usually in colorimetric 
determinations the complexes [CuCNHa)^ ] and [Cu(NH 3)6 ] are 
formed; for example: 

Cu + + +4NH40H [Cu(NH 3)4 ] + +4HoO 

The instability constant of the [Cu(NH 3)4 ] ion is 5x10“^*. Nickel 
and cobalt, which form coloured complexes with ammonia, interfere with 
determination of copper by the ammonia method. Cations which form insol- 
uble hydroxides with ammonia, such as Fc*" Al'*' ■*■ **■, Mn'*’ **■, Pb'*’ 

Sn + +, Bi"^ Hg'*’ etc., also interfere. Moderate amounts of these 
cations can be separated from Cu by precipitation with ammonia. 

Tlie ferrocyanide method is based on the reaction of the Cu ion with 
potassium ferrocyanide, K., [FeCCNlg]: 

2Cu + + + [Fc(CN)o ]= = = Cu, [Fe(CN)c ] 

The cupric ferrocyanide formed is a sparingly soluble substance which 
forms a red-brown precipitate at considerable concentrations of Cu'*"*’. 
In very dilute solutions a colloidal solution of Cu, [Fe(CN)c], yellow- 
brown to yellow in colour, is formed instead of a precipitate. This colour, 
especially in very dilute (yellow) solutions, persists for a long time without 
appreciable change of intensity. 

The colours may be compared by any of the methods described above. 

In the practical exercise described below the method of standard series 
is used. 

Standard CuSO j Solution. 3*927 g of rccrystallised chemically pure copper 
sulphate, CuSO,j • 5H,0, is dissolved in water in a 1 litre measuring flask. 
The solution is acidified with 5 ml of sulphuric acid (sp. gr. 1 *84) to suppress 
hydrolysis, diluted with water up to the mark, and mixed. One ml of this solu- 
tion contains 1*0 mg of copper. 

Preparation of the Colorimetric Scale. Take 11 exactly similar test tubes 
25-30 ml in capacity and make a pencil mark corresponding to a volume 
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of 20 ml on each.* Rinse the test tubes out with distilled water, and measure 
out into them, with a 5 ml measuring pipette (Fig. 37) or a burette, the 
following volumes of the standard CuSO, solution. 

T 1 2 3 4 5 6 7 8 9 10 

^ohLe of standard solution, ml 0 5 10 I S 2 0 2 5 3 0 3 5 d 0 4-5 5 0 

Dilute the solutions in the tubes to about 8-10 ml with water and "dutral- 
ise the H,SO, by adding 2 N NH.OH solution drop by drop untd the last 
drop produces a turbidity which does not disappear on stirring. Then add 
5 0 ml of 2 N NHjOH solution to each tube, make the liquid up to the 

The tubes should be firmly stoppered so that the colorimetric scale does 

not alter owing to volatilisation of ammonia. 

Procedure Put the unknown solution containing copper in a 100 ml 
measuring flask, make it up to the mark with water, and mix thorough^ 

Measure out exactly 5 0 ml of this solution w.th a measuring 

ir. tUr' flltM test tube, neutralise it with 2 N NHjUH 

solutioi until a permanent turbidity appears, add a ^ ^ m' “f ‘^e 

with water up to the mark* and mix. 

^"Smpare the colour of this solution with the colours of the standard 
solutions in the scale. This is most conveniently done in a comparator (see 
Fi(? 621 Having matched the colour on the scale, calculate the copper 
contend in the total volume of the unknown solution (100 ml) from the 
coDoer content of the standard. For example, if the colour of the unknown 
solmion matched that of the standard in tube No. 7, then the copper eonteni 

•of the unknown solution is 


Q = 


3-5x100 


= 70 mg = 0 070 g 


If the colour of the unknown solution is intermediate be-tween invo adjacent 
.Trtlniirs of the scale its copper content can be assumed to be the average 
onhc copper contents of the two standard solutions Should it bo found 
that the colour of the unknown solution is deeper than that ot ilw most 
concentrated of the standards (in tube No. 10), the experiment must be 
reSed with a smaller amount of the unknown solution in the lest lubu 

It is evident that other methods for comparing colours, discussed more 
fully in § 125 and 126, can be used for this determination. 

§ 125, Determination of Titanium in Titanium Sulphate Solution 

This determination is based on the formation of yellow periltanic acid**: 

Ti(S0i). + H20.i = H..[TiO.(SO,)J 

• These^arks should all be at the same height: this indicates that the dimnetcrs of 
th #5 tubes arc caual The marks can be made on strips of paper glued to the lubc^. 

« -The [TiOCH.O,)] ’ has also been ascribed to the reaction product. 

27 - 6001 
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The reaction is conducted in strongly acid solution with a fairly large 
excess of H^Oo. Vanadium, cerium, and molybdenum, which form coloured 
compounds with hydrogen peroxide, interfere with the determination, as 
do fluorides and large amounts of phosphates, which combine with Ti + 

ions. The Fe + ion interferes very little in sulphuric or nitric acid solu- 
tions. On the other hand, in presence of CI~ ions the yellow complex 
[FeCle] is formed, which interferes with the determination. Small 
amounts of Fe "^ ■*■ **■ ions may be masked by addition of phosphoric acid, 
which forms the more stable colourless complex [Fe(POj)2 ] with Fe'*"*"*’ . 

The colours may be compared by any of the available methods. The 
dilution method is described in detail below. 

Standard Titanium Solution. About 0'2-0'3 g of Ti02 is fused in a por- 
celain (or platinum) crucible with 2-3 g of KHSO4. The melt is cooled 
and leached with lO^^'o H,S04. The undissolved Ti02 residue is filtered off 
and the filtrate is diluted up to 0’5 litre with sulphuric acid so that after 
dilution the solution contains 5"o H2SO4. 50 ml samples are taken and the 
titre of the solution is determined volumetrically (by reduction of Ti 
to Ti ' ^ with zinc followed by titration with FeClj solution).* 

Procedure. Put the unknown Ti(S04)2 solution in a 100 ml measuring 
flask, dilute to the mark with water, and mix. Take a dry colorimetric 
cylinder (see Fig. 63), or rinse it out with the standard titanium solution, 
put in the standard solution exactly up to the lOth division, add 8-10 ml 
of 3% H.^Om dilute to 30 ml with water, and mix thoroughly. 

Take another similar cylinder, rinse it out with the unknown solution, 
and put in lO’OO ml of the unknown solution followed by the same volume 
as before (8-10 ml) of solution, mix, and gradually dilute the solu- 
tion w ith water until its colour is the same as that of the standard solution.** 
As a check, change the cylinders over and repeat the colour comparison. 

When the colours have been matched, read off the volume of the unknown 
solution after dilution. 

11 it is found that even after dilution to 30 ml the colour of the unknown 
solution is deeper than that of the standard, the determination should be 
repeated with a smaller initial volume (say, 500 ml) of the unknown solution. 
The titanium content is calculated as described on pp. 409-10. 

§ 126. Determination of Iron in a Solution of an Iron Salt 

The reaction between Fc*" and CNS“ ions is used for colorimetric 
determination of iron. In the preceding account it was assumed for simplicity 
that the reaction is represented by the equation 

Fe * ^ + 3CNS - ^ Fe(CNS)3 

• if a platinum crucible is used for the fusion, the titre of the solution can be deter- 
mined gravimetrically. 

•• The cylinders should be turned so that the scale divisions are at the side lest they 
interfere with observation of the colour. 
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Research has shown, however, that in reality the reaction is much more 
complicated, and proceeds with formation of iron thiocyanate complies 
in which the co-ordination number of iron ranges from one to six. ine 
reactions may be represented by the equations 

Fe+ + + +CNS- [Fe(CNS)]+ + 

[Fe(CNS) ]■*■++ CNS “ [Fe(CNS). ] + 

etc., up to 

[Fe(CNS),]-" CNS - U [Fc(CNS)J 

At low thiocyanate concentrations (of the order of 5x 10 ’ A/) most 
of the iron forms the complex [Fe(CNS)]+ + . W.th increase of CNS ion 
concentration in the solution this complex ts gradually converted into 
rFe(CNS),l+ (FefCNSljl, [Fe(CNS),)-, etc. The colour intensity of 
the solut on also increases. Therefore, in this determination large and 
eLuy equal excesses of reagent must be added to both the solutions being 

^ATr^ber of substances interfere with determination of iron by this 

method Primarily, these are all the substances (or ions) which can give 
mcinoa. rriiii X, + or CNS “ ons. These include fluorides, 

more stable complexes 

^a°y "imerfere if the acidity is low, and chlorides interfere if the reagent is 

insufficient exce.._Othcr_su. 

and oxTdants t^hich oxiiise’the CNS" ion (such as MnO,- or NO,- ions, 

"^F^rTc^aTtr e t'cSr; irdilut “olutiinrundergo considerable hydrol- 
ysu Xch leads to forltion of basic ferric salts or ferric hydroxide: 

Fe + + + H,0 - [Fe(OH) ] + + + H + 

[Fe(OH) ] + + + H.,0 r. [Fc(OH), ] + + H ^ 

and finally 

[Fe(OH), ] + F H.O ^ Fc(OH )3 + H + 

In conscauence the concentration of Fe"^ ions in solution decreases 
and the cXr becomes weaker. This is avoided by suppressing hydrolysis 

by addition of acid fhh methU'ohe le'ast amount of Fe + + + which can 
The sensitivity o q.qqjs mg of iron in 50 ml of final volume. If the 

Lt1o“ uct is extracted in isoamyl akohol, the sensitivity of the method 

is raised to 0*0005 mg of iron in 10 ml of extract. 


« H^^ever^ur^ntnuatiofsitould no. be too high, otherwise HNO, may oxidise 
CNS “ ions. 

27* - 
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The colour caused by the reaction between Fe'*’ and CNS is un- 
stable. It becomes weaker with time because of reduction of Fe "^ ■*" **■ ions 
by CNS - ions. Therefore, the method of standard series is less convenient 
in this case. Below we consider determination of Fe+ + by colorimetric 

titration and by the balancing method. 

Standard Solution of Ferric Salt. 0 8640 g of chemically pure ferric ammo- 
nium alum NH,Fe(S04).- 12HA free from efflorescence, is dissolved in 

water acidified with 5 ml of H^SOj (sp. gr. 1'84) 
and the solution is diluted with water to 1 litre. 
This solution* contains 01 mg of iron per 
1 ml. 

Determination of Fe + + by Colorimetric 

Titration. Put the unknown solution of ferric 



salt, containing 0 04-0 20 mg of Fe 


+ + + 


in 


I'iy. 70. Stand and cylinders 
with stirrers for colorimetric 
titration 


a 100 ml measuring flask, dilute it with water 
up to the mark, and mix thoroughly. Prepare 
the solution to be used for the titration in 
another 100 ml flask. For this, measure out 
accurately 10 00 ml of the standard ferric am- 
monium alum solution with a pipette or bu- 
rette, make up to the mark, and mix thoroughly. 
The litre of this solution is 0 01 mg of iron per 
1 ml: rinse the burette out twice with it, and 
then fill it wiih the same solution. 

Now pipette out 25-00 ml of the unknown 
solution into one of two colorimetric cylinders 
(Fig. 70) (or exactly similar small beakers), and 
25-00 ml of water into the other. Add into each cylinder (or beaker) 
lOdrops of HNO^ solution (sp. gr. 1-2) and 5 ml of 10''o NH, CNS solution, 
measuring the latter with a small (10 ml) measuring cylinder or pipette. 

Put both cylinders (or beakers) into a special stand or on a sheet of 
white paper and titrate the colourless solution, containing water and the 
rcauents only, with the standard solution of ferric salt until the colours in 
the^cyliiulers match exactly. To ensure that the increased volume of the 
titrated solution does not influence the result, take a burette reading before 
the end of the titration and add the same volume of water to the unknown 
solution. 

Having obtained a colour match and recorded the burette readings, 
repeal the experiment once or twice more, taking fresh portions of the un- 
known solution and water each lime. Take the average of all the readings. 
Multiply the result by the litre of the ferric salt solution (0-01 mg/ml) 
to find the total amount of Fe+ + ' in 25 ml of the unknown solution 


• The litre of the solution can be cheeked gravimctrically (§ 41) or volumeirically 

(§ 94). 


§ 126. Determination of Iron in a Solution of an Iron Salt 


-121 


taken for analysis. Calculate the content in 100 ml of solution and express 
the result in grams. 

Determination of Fe^ + + by the Balancing Method. Put the unknown 
solution into a 100 ml measuring flask, make it up to the '^lark with water, 
and mix thoroughly. In a similar measuring flask dilute 10 00 ml of the 

standard ferric ammonium alum solution to 100 ml. 

Before starling the determination, adjust the colormieier (see Fig. 6.) 
so that both halves of the field of vision appear exactly alike when viewed 
through the eye-piece 6. Then lower the cups 2 and 2a to the extreme bottom 

positionbymeans of the racks and take them carefully out of the colon- 

""into one of the cups* measure out 10 00 ml of the unknosvn solution and 
into the other 10 00 ml of the standard solution and 

of HNO3 solution (sp. gr. 1'2) and 5'0 ml ol I „ NH.CNS solut on 
Mix each liquid thoroughly and put the cup wait the standard olution 
in the right-hand socket of the colorimeter, and the cup svith the unknossn 
solution^in the left-hand socket. Now raise the cups so that the c>linders 
(J and 3a) are immersed in the liquids to a depth of at least aS- 1 cm Now 
look through the eye-piece 6 and gradually raise, by means of the rack, 
thrsolutton of deeper colour until both halves of the field appear exactly 
alike The eye must be rested frequently, because it tires quickly and becomes 

“Having bS tlifeofots Lli“checked the balance after resting 

the eve for 12 minutes read off the scales (p. 412) and calculate the ratio 
of the hdghts lu, If this ratio is close to unity (i.c., if the concentra- 

tions of the two sXtions do not differ greatly), repeat the e.speriment 
at least three times Then, without changing the position of the colorimeter 
tJiinge Itrcup^vertud’ again take at least three readings. Wr.te down all 

"’eXut comparisons in a coloriineler give the best results when the colours 
arc not very different in intensity. 1 hereforc, if the nilio /i^t. ■ ^'un. ^ 

d fferem from unity the solution of the higher conccntral, on must irs be 
diluted wh^vater in a definite proportion. Of course, since this dilution 
must be ti^n into account when the result is calculated, it should be per- 
formed as accurately as possible, i.e„ with a pipette (or burette and a meas- 
uring flask Fore.xample.iflhe A,,. ratio was found in the first deter- 
urmgiJdSK.ru i jf the concentration of the unknown solution 

™3"6 'tim« foafof the standard, the former must be diluted to exactly V. 

“ ThVcarle^done"':: 'fonows. Pipette out a fresh portion (25 00 nd) of 
the unknown solution and dilute it to 100 ml in a measuring llask. Then 


• The CUDS must be clean and absolutely dry; otherwise they must be washed and 
dried inside Snd out with a soft cloth. They should on no account be dried in the drying 

oven. 
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use this diluted solution to prepare the coloured solutions in the cups* as 
described above; compare the colours in the colorimeter, taking at least 

six readings. , . . .^i.. 

At the end of the experiment empty the colorimeter cups immediately 

and wash them thoroughly with distilled water.** , • j • *u 

Calculation. Suppose that the following readings were obtained in the 

determination: 


Expe. No. 

Ki. 

: 

j Expt. No. 

! 

A.t. 


I 

320 

281 

1 

4 

1 

300 

27-0 


32-0 

1 

28-5 

5 

300 

26-8 

3 

320 

27-8 

6 

300 

26-1 

Average 

320 

28-1 

\ 

Average 

300 

26-6 


First we find the average of the /ist.://un. ratios. The average value is 
M4 with the cups containing the solutions in one position (experiments 
Nos. 1, 2, and 3) and 1-12 with the cups reversed (experiments Nos. 4, 5, 

and 6). This gives an average value of 1-13 for • 

Hence we find the titre of the unknown solution used in the determi- 
nation: 

T = T, -^ = 0-01 X 1T3 = 0-0113 mg/ml 

Aun. 


Therefore, 100 ml of this solution contained: 

^un. = 0-0113x100 = M3 mg = 000113 g of iron. 

If the unknown solution was diluted fourfold with water before the deter- 
mination then the result must be multiplied by 4. In this case the total amount 
of iron is 

Oun. = 0-0113 ': 100x4 = 4-52 mg = 0-00452 g 


ncsidcs this thiocy.'inatc method, iron is also determined coloriinctrically by Sagaida- 
chny’s method, in which the reagent is a solution of salicylic acid, which gives a violet col- 
our with ferric salts (ferrous salts do not give a colour). . + + • « -ir 

This reaction is highly sensitive: solutions containing 1 part of Fe in 10 million 
parts of water give an appreciable colour. This method gives the best results in acid solu- 
tions (pH 2) \%ith contents of 0-2-0-3 mg Fe^ * per 100 ml of solution. The reagent 
is a saturated solution of salicylic acid, CeH.lOHlCOOH ; 2-4 ml of this solution is taken 


per 100 ml. 

In recent years 1,2, 5-sulphosalicylic acid, which has a number of advantages over 
salicylic acid, has come into extensive use. 


• They should first be washed and wiped dry. 

•• The .solutions must not be left in the cups, as this causes damage to the metallic 
parts of the instrument. 


§ 127. Determination of Hydrogen Ion Concentration 
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§ 127. Determination of Hydrogen Ion Concentration (pH) 

The hydrogen exponent (pH) can be determined experimentally by a 
variety of methods, which can be subdivided into potentiometric and colori- 
metric methods. The potentiometric methods are based on measurement 
of the e.m.f. of a cell in which the unknown solution is one of the electrode 
liquids. The electromotive force of such a cell is functionally connected 
with the H+ ion concentration in the solution by the Nemst equation 
(§ 79 ), which is used for calculating the solution pH. 


As an example let us consider a cell composed of the standard hydrogen electrode 
described on p. 292 (containing H+ ions at a concentration of 1 g-ion/litre) and another 
hydrogen electrode which differs from the first only in that the electrolyte in u is the solu- 
tion of unknown H ion concentration. The potential of the first electrode is taken to 
be zero. The potential of the second electrode (Ex) as a function of the H ion concentra- 
tion in the unknown solution is represented by the Nemst equation; 

= 0 + log [H+ ] = 0 058 log [H - ] 

But the e.m.f. of the cell (£) is equal to the difference between the potentials of the 
two electrodes, i.e., 

E » 0— fx — —Ex—— 0'058 log (H ] 


But, since 


and 


log (H‘^1 =pH. therefore E = 0 058 pH 


pH* 


0-058 


( 1 ) 


This equation is used for finding the pH of the unknown solution from the experi- 
mental value of E. In practice, instead of the standard hydrogen eUx'trodt the more 
convenient calomel electrode is commonly used (sec footnote to p. 311); its potential 
(£cal.) ‘s accurately known. In this case 

E = Ec^i. -Ex = Ecal. + 0058 pH 


and 


u _ £~— £cal. 
0058 



The potentiometric method is the more precise (the precision is of the 
order of 0 01 pH unit) but it is somewhat laborious and requires the appro- 
priate apparatus. Therefore, in practice pH is more often determined by the 
simpler colorimetric methods, the precision of which is about 01 -0 2 pH 

unit.* 


• For more detailed descriptions of the potentiometric method for pH determination 
sec textbooks of physical chemistry. 
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Colorimetric methods are based on the use of pH indicators; the colours 
of these indicators in presence of unknown solutions are used for estimating 
the H ion concentrations of the latter. As was stated earlier (§ 60), pH indi- 
cators change colour only over a definite pH range, known as the indicator 
range. It is only within that range that each given colour corresponds to 
one quite definite solution pH. Outside that range solutions differing 
greatly in pH may have the same colour. It is clear from this that a given 
indicator can be used for pH determination only if the pH value to be measured 
lies within the indicator range. In other words, when the indicator is added 
to an unknown solution it should assume an intermediate colour and not 
one of the extreme colours. 

Therefore, before pH can be determined colorimetrically, a suitable 
indicator must be chosen by preliminary tests. The determination itself 
can be performed in various ways, with or without buffer solutions. 

In the methods with buffer solutions, a suitable indicator is chosen and 
the table of compositions of buffer solutions (see Appendix VII) is used 
for preparing a series of buffer solutions with pH values within the range 
of the chosen indicator and rising progressively by steps of 0-2 pH unit. 
Equal volumes, say, 10 ml, of the buffer solutions are measured out into a 
series of similar test tubes, an equal amount (say, 10 drops) of the indicator 
is added to each, and each liquid is mixed. This gives a colorimetric 
scale showing the colours of the given indicator at different pH 
values. 

When the scale has been prepared, the same amounts if unknown solu- 
tion (10 ml) and indicator (10 drops) are put in an exactly similar test tube, 
the liquid is mixed thoroughly, and the colour is compared with the standard 
scale of colours. Since the solutions were prepared under the same con- 
ditions, equal colours correspond to equal pH values. 

This method of pH determination involves the use of standard series. 
The determinations are very rapid, apart from the time needed for prepara- 
tion of the scale. Unfortunately, such scales are unstable and must be fre- 
quently renewed. This disadvantage has to be accepted if the colours given 
by the given indicator cannot be imitated by mixing solutions of more stable 
chemical compounds (for example, see p. 407 with reference to the methyl 
orange scale). 

Methods for pH determination without buffer solutions are also avail- 
able. There arc two variations of such methods. One is based on the \ise 
of one-colour indicators such as paranitrophcnol (p. 220), phenolphthalein, 
etc. The other method (described in detail below) is based on the use of 
two-colour indicators. It is very interesting in the theoretical sense as an 
illustration of the theory of pH indicators, and is also the more pre- 
cise. 

Determinations by this method generally involve the use of six indicators 
the ranges ofwhich cover the pH range from 3 0 to 9 6, which is of the most 
practical interest (Table 20). 
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Table 20 


Two-Colour Indicators Used for pH Detennination 



A (W ^ 

Colour 

Method of preparing 
indicator solution 

lAdicatof 

pK 

Acid 

Alkaline 



form 

form 


Bromphenol 

41 

Yellow 

Blue 

01 s ground with 1-5 ml of 01 N 
NaOH and diluted with water to 

blue 




100 ml 

Methyl red 

5-0 

Red 

Yellow 

01 g dissolved in 300 ml of alcohol 
, and diluted to 500 ml 

Bromcresol 

6-3 

Yellow 

Purple 

Ole ground with 1‘45 ml of 01 N 
NaOH and diluted with water to 

purple 




100 ml 

Phenol red 

7-7 

Yellow 

Red 

0-1 gground with 2-85 ml of ^ NaOH 
and diluted with water to 100 ml 

Cresol red 

8-1 

Yellow 

Red 

01 gground with2'65 ml ofOlNNaOH 

and diluted with water to 100 ml 

Thymol blue 

8-8 

Yellow 

Blue 

0-1 gground with 215 ml of 01 N 
NaOH and diluted with water to 





100 ml 


The method is based on the funda.en.a. e.ua.ion of ihe .heor, of pH 

indicators*: ^ Cacid.f. (1) 

pH = pA' — log Calk.f. 

u tmn thit if any pH indicator is added to a partic- 
It follows from * if .Lblislicd between the concentrations 

ular solution, a definite ^af* \ f-Qj-ms in accordance with the 

of its acid (Cacid.f.) and alkaline (C„u.f.) 

solutionpH. ^;ff,.rrnt colours, the value of the ratio 

Since these forms have di c t indicator at the 

Xator phenol red at pH equal to 
given pH. For example, with die jn 

its pA: (7-7), we have from Equation ( )- 


1-1 = 7-7 — log 


CacUl. f- 




and hence 


, Gicld. f. 


_ J C.TCld.f- „ 1 

0 'Cafw' “ ■ 


^ 1 ••••••• 

From this it follows that 7 ° 7 '’a'’n cquil'ibr'ium h established 


^^iiT^valion of the equation is given on p. 


224. 
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5 drops of the indicator is present in solution as the red alkaline form,* while 
the other half is present as the yellow acid form. 

Optical addition of these colours at the given pH creates the impression 
of an intermediate orange colour. 

Exactly similar optical addition of colours occurs if two similar test tubes 
are taken, one with acid (HCl) and the other with alkali (NaOH), five drops 

of phenol red is put in each, the tubes are placed 
in sockets 2 and 5 of the comparator (Fig. 71), 
and the two solutions are examined in the 
direction indicated by the arrows. In the HCl 
solution practically all the indicator (5 drops) 
is converted into the acid form (Hind®), while in 
the NaOH solution it is in the alkaline form 
(Ind^). Therefore, if we look through both 
solutions together we can see an orange colour; 
although this may differ somewhat from the 
colour given by a buffer solution of pH = 7-7 
(with 10 drops of indicator), this is merely 
because the thickness of the liquid layer through 
which the light has to pass] is twice as much in 
the former case (two tuh«s) as in the latter (one 
tube). If a tube with water is also put into the comparator behind the buffer 
solution with 10 drops of indicator, the two colours would be identical. 

Therefore, a buffer solution of pH = 7-7 with regard to the colour given 
by it with 10 drops of phenol red can be satisfactorily replaced by two 
solutions, acid and alkali, with 5 drops of the given indicator added to each. 

Now suppose that two drops of phenol red indicator are put into the 
tube with acid, and eight drops into the tube with alkali; this means that 
the total number of drops of indicator in the acid and alkali is 10 as before. 
To what pH does the colour given by this pair of tubes correspond? To 
solve this problem, we replace the ratio of the concentrations in Equation 
(I) by the ratio of the number of drops of indicator in the acid and alkali 
solutions: 

pH = p^ - log = 7-7 __ log 4- = 8-3 

C.uk.f. 8 

Therefore, this pair of solutions gives the same total colour as a buffer 
solution of pH = 8'3 (with 10 drops of indicator and in presence of a 
se cond tube containing water). 

• Phenol red is a weak acid which exists in two tautomeric forms Hind® and 
Hind. Etjuilibria in its solutions are represented as follows: 

Hind® ^ Hind ^ H^ + Ind" 

Yellow Red Red 

Consequently, the acid form here are undissociated Hind® molecules which accumulate 
in the solution when it is acidified, and the alkaline form, Ind “ anions towards the 
formation of which the equilibrium is shifted when H'*’ ions are joined by OH" 
ions of the alkali. 



I 1 

f t t 


Fig. 71. Arrangement of 
tubes in the comparator 
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The principle of this method of pH determination is clear from the above 

examples. the first step in colorimetric deter- 

Oioice of Ind cator. As already l 2 c:xtor. This choice is made 

mination of pH is the choice of . of pH with the aid of the 

most conveniently arc mixtures of two or more indicators 

so-called universal indicators. These arc mix u ^ 

chosen so that their colours alter regard to composition. 

One of the simplest umversal ^nd.cato^rs^uh ^ 

and at the same time one of ih narticular way.* This indicator 

red and thymol blue indicators, made up ^ ^ 

undergoes the following colour changes with pH. 


pH 

4 

5 

6 
7 


Colour 

Red 
Orange 
Rose-yellow 
Yellow 


pH Colour 

8 Pale green 

9 Green 

10 Blue-green 


f 1 V&AV •• 

.U k Kolthoff's universal indicator 

(Efv^tXlls a"tirre‘°o;'’scveral indicators. Its colour changes w.th 

pH are: 


pH 

2 or less 

3 

4 

5 


Colour 

Red-rose 

Red-orange 

Orange 

Yellow-orange 


pH 

6 

7 

8 
9 


10 or more Violet 


Colour 

Lemon-yellow 

Yellow-green 

Green 

Bluc-grecn 


♦ A.4 t mW 10-20 drops) of the unknown 
To use a universal for spot tests (or in a porcelain crucible) 

solution in the depression of a tile lor sp 

and add a drop of the indica pH approximately by means 

It is even more manufLlured by the laboratory of 

of universal indicator pape . Chemical Society of the U.S.S.R. 

the Latvian Division of the D. I. corresponding to different pH values 

h^twtnVrn'd^ ^irpr'idT^rh" he pa^r. Th.s scale mahes the deter- 
mination much easier. ,,,^rr»vimaie dH of the unknown solution as 

Having determined the ^PP . ^jj,„jhc most suitable of the indicators 

described above, use the example, that a test with the universal iiidi- 

listed in Table 20 . aoDroximaicly 6 . Therefore, an indicator with 

cator be suitable. In this instance, such an indicator 

fs^y*iomocresol purple == 6 

. o.375 7;f thymol blue and 0 .25* of methyl red ate dissolved in 100 ml of 70,; e.hyl 
alcohol. 
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a drop of 0 05 N HCl in one of these tubes and a drop of 0 05 N NaOH 
in the other, and mix the contents of each tube. This gives the two extreme 
colours of the indicator. Measure out 10 ml of the unknown solution and 
10 drops of indicator into another similar tube. Compare the colour ob- 
tained with the colours of the solutions containing acid and alkali respectively. 
If it is intermediate between the two, the indicator is suitable. On the other 
hand, if the colour is the same as either of the other two solutions (with 
HCl and NaOH), this means that the colour of the universal indicator 
was assessed wrongly and the wrong indicator was chosen. In that case take 
another indicator, with p/T nearest to the one just tested, and repeat the 
experiment with it.* 

Procedure. Having chosen a suitable indicator, prepare the corresponding 
colorimetric scale. Take 18 exactly similar test tubes,** put 10 ml of water 
in each, stand them in a wooden rack in two rows, and put one drop of 
0 05 N HCl solution in each tube of the first row, and one drop of 0-05 N 
NaOH solution in each tube of the second row. To these acid and alkali 
solutions add the following amounts of the chosen indicator: 


Number of drops of indicator 

Tubes with acid 123456789 

Tubes with alkali 987654321 

Label the tubes, indicating the number of drops of indicator in each. Mix 
the contents of each tube thoroughly. 

Having prepared the scale, measure out 10 ml of the unknown solution 
into a similar tube, add 10 drops of indicator, and mix. Put this coloured 
solution into socket 2 of the comparator (see Fig. 71), put a test tube with 
water into socket 5, and into sockets / and 4 (or 3 and 6) put the pair of 
tubes from the scale giving the best colour match. Now calculate the pH 
of the unknown solution as described on p. 426 from the ratio of the numbers 
of drops of indicator in the acid and alkali in the chosen pair and from the 
pK value of the indicator. 

If the colour of the unknown solution is intermediate between the colours 
of two adjacent pairs of standard solutions in the scale, find the pH values 
corresponding to the latter and take the average. 

The determination can only be accepted as reliable if one of the inter- 
mediate pairs and not an end pair of the scale gave a colour match with 
the unknown solution. Otherwise, the determination should be repeated 
with another indicator. 


• For example, if the colour of the unknown solution was found to be the same as 
that of the solution with HCl, methyl red (pA' = 5 0) should be taken instead of 
bromocresol purple. 

•• It is most convenient to use test tubes with marks (for example, made with a pencil 
for writing on glass) corresponding to 10 ml volumes. 


Questions and Problems 
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QUESTIONS AND PROBLEMS 
(on §§ 117-127) 

What is the principle of colorimetry? What is its most important field of applica- 

2. What characteristic of ^^e colorimetric method d^ methods? 

nations in question could be performed by the ferav.mcir 

3. What are standard solutions in colorimetry? 

4. What types of react, ons are used in color, me.ry for produet.o 

'*°*'*'^ r What is the significance in colori- 

5. What is the instability used in the determinations? 

metric analysis of the values of /kinst. r..iv«u’> 

answer by examples. ^ 5 „,„,ion? Give 

8. In what cases does a change o p 

.xwrancous ions in a solution inHuence its colour? 

9. In what cases docs the presence 

10. What is maskmg? the influence of extraneous ions 

11. Name other chemical methods tor 

on the colour of solutions. . .^.rinc ions from those to be determined? 

12. What methods are used for scpiKalingm^j^^^.^^^^ principal component should 

Explain why, in determination of 

not be precipitated. ^ 

13. What is precipitation with “ ,j,,„ugeous than by precipitation? 

14. Why is separating ions by • ...sc .<• r o ihe molecular weight of the 

15. State the distribution ? (bMli'^ molecular weight of the substance 

given substance is the same m bo‘»‘ other. 

is three times as much m one soi orcceding question complete extraction 

16. State in which of the determination. 

(a) is. (b) is not, essential for obsersed when colours are compared by 

17. State the conditions which must be obserse 

means of visual colorimetry. ccries’’ 

■ • I the method of standard series . 

18. What is the principle of th colour of a solution on the result of 

19. Explain how the means of the comparator. What is the advantage 

the determination can be 

of using light filters with the co P _ ^^^hod? Derive the formula for calculating 

20. What is the principle ' method. 

the results of d=term,na„ons y performed by the method of color!- 

21. Describe how colorimetric deicr 

metric titration. . , balancing method? In what cases is this melhod 

22. What is the principle of Uie 

unsuitable? oocration of draining and immersion colorimeters. 

23. Describe the design and opc 
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24. What is the principle of photocolorimetry? Describe the use of (a) single-beam, 
(b) double-beam photocolorimeters. 

25. What is the concentration of a certain element in an unknown solution given that 
it had to be diluted from 20 to 24 ml to give a match with a standard dilute solution con- 
taining 0 005 g of the same element per litre? 

Answer: About 0 006 g/litre. 

26. Two solutions are compared in a colorimeter; the concentration of one 
is 0 02 mg/ml and the depth of the layer is 10 mm. Find the depth of another solution 
containing 0 015 mg/ml of the same coloured substance, which would appear to be of 
the same colour as the first. 

Answer: 13-3 mm. 

27. Find the percentage of iron in a sample from the following data: 5 00 g of the 
sample was dissolved and made up to 250 ml, and then 50 00 ml of this solution was 
diluted further to 1 litre. The Fe"’’"*"^ content of this solution was determined colori- 
metrically by the balancing method. The standard solution contained O-Ol mg Fe’*"^'*’ 
per ml, and when the colours were matched in a colorimeter a depth of 30 mm of the 
standard solution corresponded to a depth of 40 mm of the unknown solution. 

Answer: 0-75%. 

28. Find the percentage of manganese in a steel sample from the following data. 
0-2000 g of the steel was dissolved, the solution was made up to 100 ml, and 25-00 ml 
of this solution was diluted further to 250 ml. A 25-00 ml portion of this diluted solution 
was then treated with (NHjljSiOg on healing, with AgN 03 as catalyst, and after dilution 
to 50 00 ml it was subjected to colorimetric investigation. The standard solution contained 
KMnO, in a quantity corresponding to 0-001 mg of manganese per ml. The depths of 
the matching layers in the colorimeter were 25 mm of the standard solution, and 20 mm 
of the unknown solution. 

Answer: l-25'’o. 

2^). For determination of molybdenum in steel, a 2-00 g steel sample was dissoh'ed 
and after suitable treatment the volume was made up to 500 ml. An aliquot portion 
(25-00 ml) of this solution was transferred to a colorimetric cylinder and solutions of 
H;SO,. NH,CNS. and SnCL were added. The solution, which became red owing to the 
formation of quinquivalent molybdenum thiocyanate Mo[(CNS)s ], was diluted to 
.‘'0 ml. In a second cylinder, to which the same reagents had l^n added, the volume was 
made up to 45-00 ml and 1-50 ml of a standard solution containing 0 1 mg of molybdenum 
per ml was added ; the solutions were then of the same colour intensity (if viewed horizon- 
tally). Find the percentage of molybdenum in the steel. 

Answer: O lb'.'o. 

.^0. What is the principle of the potentiometric method for pH determination? What 
is the precision of this method? 

.t|. What is the basis of the colorimetric method of pH determination? What is its 
preci^ion? 

.t2. Describe how pH is determined colorimetrically (a) with buffer solutions; 
(b) without buffer solutions. 

.13. In a pH determination without buffer solutions an unknown solution on addition 
of 10 drops of cresol red indicator acquired the same colour as a pair of standard solu- 
tions one of wliich contained three drops of the same indicator in acid, and the other 
contained seven drops of the indicator in alkali. Find the pH of the solution. 

.l/iswer: About 8-5. 



CHAPTER X 

ELECTROCHEMICAL METHODS OF ANALYSIS 
§ 128. General Principles of Electrogravimetric Analysis 

Of the numerous methods of electrochcmicnl analysis, the electrogravi- 
metric method is considered in detail in this book. « Atrhf 

Electroeravimetric analysis is a physicochenncal method of ana ysis. At the 
same irfform of gravimetric analysis. Its characteristic feature is 

deposition of the element to be determined on a weighed electrode by 

'‘HeMroBravimetric analysis is used for determination of metals almost 
exclusTvely Metals are usuLly present in solutions as 

to the cathode during electrolysis, are ' in 

free metals. The amount of metal deposited is found Irom the increase in 

“fel m^ulstretposited on the -ode during electroly^. They 
include manganese and lead, which are oxidised to MnO, and PbO, durin, 

stcl^'cathodic metal deposits in "’ost cases conforin very ^satisftejo^ 

to the requirements 77[;;777mts'’of''c‘eTta'in metal's in solutions of 
electrolysis to determine • With the aid of suitable instru- 

their salts with a l;'g'7^fg^7u,rdeterminations can be performed rela- 
tively rapidly. THere^re e^^ras^wti^t^^. . us^^ry^ 

m practice, especi^ly n o sufficiently dense deposits on the 

However, several metals ^ if ihe solution contains 

electrode f Uy be Lcharge'd and deposited together 

;:\he“arhrdfor‘s:m\%taneLs i^lnsfsuchas H - ions) may be discharged 

c » « the hioh cost ofplatinum electrodes, greatly restrict 

because platinum ^ best to the requirements for electrode materials 

in electrogravimetric analysis. 

— , . •. c losses occur during the various analytical operations 

(wash^„r<lSin6. of the electrode), and therefore such deposits arc un- 

suitable. 
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These requirements are: 

(1) the electrodes must not dissolve, either by the action of current or 
as the result of chemical interaction with substances present in solution, 
including acids; 

(2) the electrolytic deposit must adhere firmly to the electrode; 

(3) the electrode must remain unchanged when kept in air; otherwise it 
would be impossible to determine accurately the weight of metal deposited 
by electrolysis. 

Because of the high cost of platinum, it is necessary to look for cheaper 
metals or alloys to substitute platinum as an electrode material. Neverthe- 
less, the anodes are made of platinum because, firstly, anodes made 
from other metals may dissolve during electrolysis and, secondly, the size 
(and therefore the weight) of the anode need not be large. Cathodes are 
sometimes made of cheaper materials, such as copper, etc. However, it 
must be pointed out that so far no electrode materials equivalent to platinum 
in its properties has been found. For e.xample. copper electrodes are oxidised 
relatively easily by atmospheric o.xygen, which leads to changes in weight 
and a lower accuracy in the determinations. 

It must be borne in mind, however, that certain metals (such as zinc) 
should not be deposited on platinum, as they form compounds with it. 
As a result the electrode is severely damaged w'hen the deposit is removed. 
To avoid this, the platinum electrode should first be coated with a metal 
which has no action on platinum, such as copper, and the element to be 
determined (Zn) is then deposited on the copper-plated electrode. 

The electrode used for deposition of metals to be determined should 
have the largest possible area and the lowest possible weight, and must 
not inlerfere with mixing of the liquid. Grid electrodes conform best to 
all these requirements, and they are the most commonly used electrodes 
in practice. In most cases the anode is a platinum wire in spiral form. The 
usual apparatus for electrolysis is showm in Fig. 73. 

§ 129. Chemical Processes During Electrolysis 

It is known that clectroivte ions underco reduction or oxidation at the 
electrodes. For example, in the electrolysis of CuCU solution the cathode, 
which receives electrons from the source of current, transfers them to the 
Cu ’ • ions, which are thereby reduced to metallic copperw’hich is deposited 
on the cathode surface. At the same time the Cl ' ions reach the anode, give 
up their excess electrons, and are oxidised to elemental chlorine, which is 
liberated as a gas after saturation of the solution. 

rile processes taking place during electrolysis of CuCk solution may be 
sciiematically represented as follows: 

At the caihoJc ( — ) 

Cu-‘ + -r 2c= i Cu 


At the anode (+) 

2C\- —2e= t CU 
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Thus, cations are reduced at the cathode, and anions are oxidised at the 

anode. . . r 

This simple scheme of electrolysis may become more complicated it 

the H-*- and OH” ions which are always present in aqueous solutions are 

discharged (i.e., reduced or oxidised) more easily than the ions of the salt 

undergoing electrolysis. 

For example, in the electrolysis of CuSO, solution metallic copper is 
liberated at the cathode as before. However, at the anode the OH ions 
of water, which give up electrons more readily than SO, ions, arc dis- 
charged instead of the latter. . r n 

In this case the electrolysis may be schematically represented as follows. 

At the cathode (-) At the anode (+) 

2Cu+++4c= I2Cu 4H,0:;l4H^-f40H- 

^ 40H- — 4£' = 2H,0 + 02 

2\\f>—^e = 4H + + t Oo 


Oxvcen is liberated at the anode and escapes in the form of gas, while 
H+ ions accumulate in the solution near the anode. How'cver. hydrogen 
ions can be present only together with an equivalent amount of anions. 
These are SO. — anions, which migrate towards the anode during ekctrol- 
ysi and accumulate there together with ions. Therefore, sulphuric 
Lid fin the form of its ions) is formed at the anode in addition to oxygen. 

In just L same way. during electrolysis of Cu(NO.), solution oxygen 
and nitric acid arc formed at the anode because OH - ions are oxidised more 
LadUrthan NO,- ions. When solutions of Na.SO KNO,. etc., a^^ electro- 
lysed H + ions of water are reduced at the cathode rather than Na . k 
cLions etc., because hydrogen ions have a greater tendency to attach elec- 
trons than K + orNa-*- ions, in accordance with the higher oxidation poten- 
tial. Therefore, the processes taking place during electrolysis can be repre- 
sented as follows: 


At the cathode ( — ) 

4H,0 = 4H -i 40H- 
4H"'*'+4e = 2H> 

4Hp I 4e = t 2H^-f40H- 


Al the anode f-^-) 

4H,0 - 4H + -f40H ' 
4QH — 4c = 2HP + 0. 

2Hp— 4c = 1 O, k4H + 


In this case electrolysis results in decomposition of water with liberation 
of H and O while OH” and H+ ions accumulate near the electrodes 
(i e“?he cor^lding free alkalies and acids are formed).' 


• n should be noitued out that formerly the formation of H, and O. during clccirol- 
It should tw p “secondary reactions” between the products of clcctrol- 

tJTin the case of Na^O, these products were metallic 
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Other oxidation-reduction processes may also occur during electrolysis. 
For example, Fe + + ions are oxidised at the anode to Fe + ions, Pb 
and Mn ^ ions to Pb + + + + and Mn + + + ions. Since the latter form 

oxides in presence of water 

Pb+ + + -r+2H-P= IPbO.+4H + 

Mn + + + ++2HP= mnO.+4H + 

manganese and lead are deposited at the anode as PbO^ and MnOi- 

If the anode is made not of platinum but of some other metal, it may 
also take part in the oxidation-reduction processes taking place during 
electrolysis. For example, it was stated earlier that during electrolysis of 
CuSO., solution with platinum anode the OH“ ions of water are oxidised 
to O. at the anode. If copper is used instead of platinum as the anode ma- 
terial', then the electrode itself, i.e., metallic copper, which gives up electrons 
even more readily than OH” ions, is oxidised instead of OH” ions. The 
anode therefore dissolves with formation of Cu^'^ ions; the reaction 
proceeds as follows: 

Cu— 2c = Cu-^ + 

At the same time an equivalent amount of copper is deposited on the 
cathode from the solution. In other words, the effect is to transfer copper 
from the anode to the cathode. This process is used for purification (re- 
fining) of copper, and also in electroforming. 

If a halide, such as NaCI, is electrolysed with a silver anode, metallic 
silver and not Cl “ ions would be oxidised at the anode, in accordance with 
the lower oxidation potential of Ag VAg (-'-0‘80 v) as compared with 
Ci_;/2Ci ( ■ 1-36 v). The Ag ' ions so formed would be deposited on the 
anode in the form of AgCl. These processes are used for electrogravimetric 
determination of Cl , Br and 1 . 

§ 13(1. The Laws of Electrolysis 

The relationvliips between the amounts of substances liberated at the 
electrodes and the quantity of electricity passed through the circuit are 
represented by I'afaday's (wo laws of electrolysis. 

I . The amounts of substances liberated at the electrodes are directly pro- 
/'orfitnial to the quant it v of electricity passed through the solution. 


sodium and uncharged SO, groups, which cannot exist in the presence of water and enter 
into the Kilknsing secondary reactions with it as soon as they are formed; 

4Na 4H,0 4NaOH -2M^f; 2SO, - 2H-.0 = 2H,SO, -O. r 

[his \ieu point has now been abandoned, as it is not justified experimentally and is 
not consistent with modem views on the direction of oxid.ation-rcduclion processes 
(S§ 78 and 80). 
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With 10, 100, etc., coulombs of electricity passed through copper sulphate 
solution the amounts of copper liberated at the cathode and of oxygen 
liberated at the anode are respectively 10, 100, etc., times the amounts 
liberated by the passage of 1 coulomb. 

2. The amounts of different substances liberated at the electrodes by the 
same quantity of electricity are proportional to their chemical equivalents. 

For example, it has been established experimentally that when 96,500 
coulombs of electricity is passed through silver nitrate solution 1 gram- 
equivalent (107*88 g) of silver is deposited at the cathode. By Faraday’s 
second law, in the electrolysis of other electrolyte solutions the same quan- 
tity of electricity liberates an equivalent amount (i.e., 1 gram-equivalent) 

of any other element; for example, 1*008 g of — ^“SofCu, — g 


of Zn, g of Bi, 35*457 g of Cl, ^ g of O., etc. The quantity of elec- 
tricity ivhich must be passed in order to liberate I gram-equivalent of any 
substance at the electrode is called the faraday (or Faradays number), 
denoted by the symbol F*. One faraday is 

1 F= 96,500 coulombs 


Faraday's laws are easily explained in terms of the modern theory of 
the nature of electrolysis. It is known that electricity is carried through 
solutions only by ions, which move towards the oppositely charged elec- 
trodes during electrolysis and arc discharged there. It tollows that the more 
electricity is passed through a solution the greater are the amounts of the 
substances liberated at the electrodes (Faraday's first law). 

One gram-atom of every clement contains the same number (6 02 x lO-^*) 
of atoms. At the same time every Ag-^ ion discharged at the cathode gains 
one electron. Therefore, 6 02 x lO’^ electrons are needed for liberation of one 
gram-atom or 107*88 g of silver at the cathode. Their total charge is 1 F = 

= 96,500 coulombs. ^ 

When the same quantity of electricity is passed through CuSO^ solution, 
since each Cu ion gains two electrons at the cathode the number of 
copper atoms liberated at the cathode is halved in comparison with the 

number of Ag atoms; it is ( ) atoms of copper, or half a gram- 

atom (- --g). However, half a gram-atom of copper and one gram-atom 

of silver correspond to the gram-equivalents of these elements. Therefore, 
the same quantity of electricity is needed to liberate equal numbers of gram- 
equivalents of different substances (Faraday s second law). 

Faraday’s two laws may be summarised mathematically as follows: 



• The faraday must not be confused with the /ora</. the unit of electrical capacity. 


28 * 
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where q is the amount of substance liberated at the electrode ; -I t (the quo- 
tient obtained by dividing the gram-equivalent e by 96,5(M) is known as the 
electrochemical equivalent of the substance, or the number of grains liber- 
ated at the electrode by 1 coulomb of electricity; i is the current strength 

in amperes, and t is the time in seconds. ^ 

When the current strength is 1 ampere, 1 coulomb of electricity pass 
through the solution per second; therefore, the product is the toUl 
number of coulombs passed through the solution. Since 1 coulomb liber- 
ates — g of substance, we can derive Equation (1) above. 

Equation (1) can be used for solving various problems associated with 
electrolysis: for example, calculating the quantity of ekctncity needed 
for liberation of a given amount of substance, duration of electrolysis at a 
given current intensity, etc. It must be borne m mind, however, that usually 

such calculations give only approximate results. u„ 

In practice the time required for electrolysis is greater than that given by 
Equation (1). This is because the principal electrode reaction is usually 
accompanied by various side processes. For example, during electrolysis 
of CuSO, solution part of the copper deposited on the cathode may be 
oxidised by the oxygen dissolved in the solution and return to the electrolyse 
in the form of Cu+ + ions. Sometimes (especially near the end of electroly- 
sis) H ’ ions are partially discharged together with Cu ions, etc. All thwe 
side processes consume additional electricity. Therefore, the current em- 
cioncy is nearly always less than lOO^a which accounts for the discrepancies 
bclwecn experimental results and data calculated from Equation (I). 


§ 131. Decomposition Voltage 

When a current of electricity is passed through a solution, products of 
electrolysis arc liberated at the electrodes. These products, present together 
v.iih the ions from which they were formed, constitute oxidation-reduction 
svsicms (§ 7S). For example, in electrolysis of CuCI., solution the system 
Cu ^ • Cu is formed at the cathode, and CK/2CI at the anode. In the same 
wav. in clectrolvsis of CuSO, the system Cu + + /Cu is formed at cathode 
and O , -1-4H ^ at the anode ; electrolysis of H,SO, gives rise to 2H /Hj 

(at the cathode) and 0;d-4H'^/2Hj0 (at the anode), etc. 

Each of these systems has a definite oxidation potential and constitutes 
a half-cell. Since the two systems are electrically connected they constitute 
a aalvanic cell with its own electromotive force (e.m.f.). The direction ot 
this e.m.f. is opposite to the external e.m.f. applied during elecUolysis. 
For example, in electrolysis of 1 M CuCl . solution the potential of the Cu / 
/Cu system at the cathode is equal to its standard potential or +U-34 v 
(since the Cu+'' ion concentration is 1 g-ion/litre), while the potential 
of the CI.,/2C1- system is+ 1-36 v. We know that the system with the lower 
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potential (Cu + +/Cu) must act as the negative pole in the cell, i.c it yie ds 
declrons into the^ circuit. Therefore, the following process takes place a the 
cathode in the operation of the galvanic cell which arises as the result 

electrolysis: Cu-2e = Cu- 

This process and the direction of the current in the circuit, are opposite 
to those resulting from the application of the external e.m f. during 
ysisf in the lafter case Cu - - ions are reduced to mc.a he coppej wh.ch 
k denosited on the cathode, but here the copper is oxidised to Cu ions 

chlorine to Cl ions) ^ii /. of the current source arises 

‘’t — ;ire{r^^ -urce . 

dis^L^ected during electrolysis and the elcctrodiis a^^^^ lo the 

.< ........ 

during is independent of current density* and it 

Electrochemical p , , different from the electrode materials are 

arises when electrolysis eliminated by addition of substances 

liberated at ‘^e e ccuode^^l. can ^e^^ 

known as depolartser . chlorine is liberated at the electrode, ihc 

rpolaristr^'cTlt’hyd-ylamine hydrochloride (NH.OH • HCl). winch 

reduces them to the “"-^f^fibermed" at the electrode, oxidising agents 
In the same hydmgcn 1^^^ dcpolarisers. 

such as HNO„ (NR, . formation of new oxidaiion- 

reduction systems .at electrolysis. For example, in 

also by change 5 olution with copper electrodes copper is dissolved 

a “h:'^node‘’an‘'d1?p'oled on the cathode. Therefore, the same system 

%;:fveV^C^?“;ot:^tia1Tpl"s on the concentration of Cu * ^ 
ions in accordance with the Nernst equation 

£ = 0-34 b -^8 log [Cu + + 1 

• Current density is the current intensity per unit electrode urea (number of amperes 
per square ccntirnclrc. a/cm*). 
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and the concentration increases near the anode and decreases near the 
cathode during electrolysis, polarisation e.m.f. arises in this case too (con- 
centration polarisation), ^ . 

It is therefore clear that a voltage in excess of the polarisation e.ni.l. 
must be applied to the electrodes for electrolysis to occur. This is fully 
confirmed by experiment. For example, in electrolysis of CdS 04 solution 

acidified with sulphuric acid, if an 
e.m.f. of less than 2-03 v is applied, 
electrolysis begins for an instant but 
the current strength in the circuit 
drops at once almost to zero and fur- 
ther liberation of electrolysis products 
ceases. Conversely, at voltages above 
2’03 v electrolysis proceeds contin- 
uously, and the current strength in- 
creases rapidly as the voltage is raised 
above this value: this is illustrated by 
the curve in Fig. 72. 

The minimum potential difference which must he applied to the electrodes 
in order to bring about continuous electrolysis of a given electrolyte is known 
as its decomposition voltage (E^). 

The decomposition voltages of various electrolytes are given in Table 21. 


Ho 

C: 

k. 


Decomposition 

voltage 


ExternaL mf 

Fig. 72. Variation of current strength 
with increased voltage during electrol- 
ysis 


Table 21 


Decomposition Voltages of 1 N Solutions of Some Electrolytes 


1 

Decomposi- 

1 

Decomposi- 


Decomposi- 

Electrolyte 

tion 

voltage. 

1 

Electrolyte 

tion 

voltage. 

Electrolyte 

tion 

voltage, 


V 

1 

V 


V 

1 

ZnSO, ' 

2-35 1 

1 1 

, Pb(NO,). .... 
AcNO, 

152 

0-70 

HC\ 

1-31 

ZnBfj 

1-80 

HBr 

0-94 

CdSO, 

• W V 1 

2-03 

t ’'-'3 

1 CiiSO. 

1-36 

HI ' 

0-52 

CdCI 

i -88 

1 H.SO 

1-67 

NaOH 

1-69 

CdlNO,)-. , 

1-98 

HNO 3 

1-69 

KOH 

1-67 

NiSO^ 

2-09 

HCIO^ 

1-65 

NH.OH 

1-74 

NiCL 

I 85 

H 3 PO, ■ 

i ! 

1-70 




The decomposition voltage depends both on the cation and on the anion 
of the electrolyte. For example, sulphates of different metals have different 
decomposition voltages (here the nature of the cation has an influence). 
In the same way, the decomposition voltages of the chloride and sulphate 
of the same metal are different, owing to the nature of the anion. The 
exceptions are oxy-acids such as H.SO.,, HNO3, HCIO4 and H3PO,,, and 
caustic alkalies (KOH, NaOH), which have almost the same decomposition 
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voltage (about \1 v) irrespective of the differences in compos.t.on, Th,s .s 
bSse in electrolyL of solut.ons of all ‘hese compounds the same .on 
are discharged at the electrodes: H ’ ions at the cathode and OH 

b’’Lra°lfea*dv been mentioned that the decomposition voltage must be 
It has already . _ r Th<' Htter rcoresents the difference beisveen 

‘°daHon"°not'rnt'iah "?fh J two ox.dadon" ^^stcms aris.ng 

l^^hTelectrodL (§ 78). These potentials are calculated IVom the Nernst 

Xltc -t="MhrpoLmial of the Cd ^ -/Cd system is equal 

To its standard P — 1 £ = -^40 v. S.ntdarly.^ tlw potent.a 

of lVcdSa.'so,:Von"slml be equr, to the e.m.f. of the cel, formed Iron, 
these systems, i.e., 

£■, = E-E, = l'23-(-0-40) = 1-63 v 

. • 1 r u less than the experimental value (2-03 v). 

However, this value for y the electrodes was not taken 

The reason is that the so-calkd caseous half-cells such as 2H * 'H,. 

into account m^he ca cu^anontc'^.llJirmed during electrolysis are not tmder 

02+4H^/2H20, r.y^H^tion ooteniials are determined, 

the conditions f®”'''"':'.’ a platinised platinum plate (coated 

In the latter case the ^cci “dc 's a' 7 P <.,^.<,,ro|ysis the gas is liber- 

with a layer of P'^'c 'vire). 

ated on the surface of a f { dirrerence in the conditions for conver- 

It is found expcrinKMna lytha his^^^ 

and H ions leads to a chang i ,! of the 2H /H . system is zero 

For example, ^^hereas the st^lar^J P ^ hydrogen ion concentration 

(on the hydrogen scale). It IS „„ooth platinum electrode. The po- 

L"nUaT:f°rhis1?:t?m'’arso Change m the^same way if electrodes of other 

« replaced by some other ^i,en eketrode. 

element (hydrogen, ' ^^-trodes n^de from different metals, at room 

""S' _(,.39 _o.56 -0-58 -075 -104 -1 08 -109 

OvervoUage, v — 0*07 

.• nrovidc cxperimenlal proof of ihe view lhai 

• The equal decomposition voltages hydroxyl, and not SO, " NO^ CIO, 

or'lijT^ an^r-toThemhe the decomposition voltages of all these adds and alkal.es 
would be different. 
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The above results show that the hydrogen overvoltage can be very high 
at certain electrodes (especially electrodes made of mercury, lead or tin). 
For example, the standard potential of 2H+/H2 at a mercury electrode is 
1 '04 v on the negative side of the potential at an electrode made of platinised 
platinum. The magnitude of the hydrogen overvoltage is of great importance 
in electroanalysis, as it makes possible the cathodic liberation of metals 
which should not be liberated according to their oxidation potentials. 

In addition to the nature and the surface state of the metal, the overvolt- 
age depends on the current density and temperature. 

Overvoltage decreases with rise of temperature. On the other hand, it 
increases with increase of current density. For example, at a current density 
of 0-la/cm^ the hydrogen overvoltage on copper is 0-85 v, whereas at 
O’Ol a/cm^ it is 0*58 v. 

Overvoltage is also observed with other gaseous half-cells. For example, 
the oxygen overvoltage at a smooth platinum anode in acid solution is 
about 'fO’4 V. In other words, the standard potential of O2+4H ■*‘/2H20 
system when determined at such an electrode is 0*40 v on the positive side 
of the value determined at a platinised platinum electrode, i.e., its value 
is l’234-0-40 = 1’63 v. In alkaline solution the oxygen overvoltage is about 
H-1-4 V. 

Overvoltage occurs also in the liberation of metals. However, at moderate 
current densities it is usually so small that it may be disregarded. 

Several theories have been put forward to explain the overvoltage effect. 
For example, hydrogen overvoltage may be attributed to retarded combina- 
tion of the electrically neutral hydrogen atoms, formed by discharge of H 
ions, to form H2 molecules, and retarded removal of the gas bubbles from 
the electrode surface. By a more recent theory, advanced by Academician 
A. N. Frumkin, who has made a detailed study of the overvoltage effect, 
it is due to retarded discharge of hydrogen ions.* 

Because of the existence of overvoltage, in calculations of decomposition 
voltages we must take into account not only the oxidation potentials of the 
systems at the anode (fj and cathode {E^ but also the overvoltages at these 
electrodes {P^^nd Fg). The formula for calculating the decomposition poten- 
tial becomes: 

^d=(^a+^)-(£‘c+^c) (I) 

As an example, let us use this formula for calculating the decomposition 
voltage of 1 j\f H2SO4 solution. During electrolysis the system 2H'*'/H2 
is formed at the cathode and the system O2+4H ■*'/2H20 at the anode. 
Therefore, — 123 v, and = 0. If smooth platinum electrodes are used, 
then = 0-40 v and Pc = — 0'07 v; hence 

= (l-23+0-40)-<0— 0-07) - 1*70 v 


• Tlieories of overvoltage arc put forward in greater detail in textbooks of physical 
chemistry. 
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This result is in quite good agreement with “Pf 
(1*67 v). For the electrolysis of 1 A/ acid solution of CdSOj, considered 
earUer, we have, in complete agreement with the experimental result: 

£(j = ( 1 - 23 +0*40) —(— 0-40 ^0) = 2 03 v 

If the electrolyte concentration is not 1 A/, the values oj £c m 

formula (I) are found from the Nernst equation. A matter of special 
is calculation of the decomposition voltage corresponding to practically 

complete liberation ofa given metal at the cathode. Liberation can be as- 
sumed complete when the concentration of the Cd - - ion 

has fallen to 10-« g-ion/litre. For electrolysis of CdSO.^this Cd mn 

concentration corresponds to the value — 0 40 + j log 10 

e^>^-57v On the other hand, the potential of the system 

c^a^es^o Uttle during electrolysis that the change may be disregarded. 

This is confirmed by the constant, 

the solution near the anode is ‘ equation like the virtually constant concentra- 


£ = 1-23 + 


0-058 


- log (H • 1‘ or £ = 1-23 + 0-058 log 1 


, , ... . ,c rn + l 3= 1 and the concentration of the CdSO* 

If the initial acidity of the solution vkdslH • of Cd'^ ’’ at the cathode 

Uken for electrolysis was 0-1 M. u intity (0-2 g-ion) of H ’ at the anode, 

is accompanied by formation of an equ ‘ j.t g-ion/litre. We then have; 

Therefore, the H- ion concentration increases from i to i - g 

£, = 1 23+0058 loe 1-2 = 1-23 ^0005 « 1-23 v 

Therefore 

— (1-23+0-40) —(—0 57+0) = 2 20 v 
This result shows that complete dcP-,.ion_^of Cd - +^3t cathod^c^can 

to thfelet,r°ots.’ T^r^quhed voltage in other cases can be calculated 
similarly. 

§ 132. Electrolytic Separation of Metals 

.. . 1 ..t th,' r iihodc requires the application of an 

Liberation of any 'rc''“ “‘ 'i,|„„TOltagcorthesallsubjectedtoclectrol- 

e.m.f greater than the decompos^ analysed' contains salts of different metals 

ysis. Therefore, ‘fa solution o be y 0- 2-0-4 v or more), 

and their decomposition ^ solution and determined 

the respective “ctals can be s 1 d ^ explained by the following 

quantitatively one f fte'' ‘he oth . ^ solutions, each of 

"?7™Tra?ron': U ede^t'r^.ysed, We'f.nd the voltage needed for complete 
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liberation of the silver = 0*80 v): 

= 0-80+0-058 log 10"® = 0-45 v 
£d = (1-23+0-40)— (0*45+0) = 1 18 v 

We now compare this voltage with the voltage required for deposition 
of cadmium to begin (Eq = — 0*40 v): 

£, = — 0-40 + -^ log 0-1 ^ -0-43 V 

E^ = (l-23+0-40)-(— 0-43+0) = 2*06 v 

The values found for show that if the voltage is suitably chosen we 
can first liberate silver at the cathode and determine it, and then repeat the 
process for cadmium. For liberation of silver the e.m.f. must be between 
1*18 and 2*06 v, and for liberation of cadmium it must exceed 2*2 v. In 
practice silver is usually deposited at voltages not higher than 1-35*1*38 v, 
and cadmium at 2*6-2*7 v. If the unknown solution contains, in addition 
to the above-named salts, also copper sulphate (E^ ^ 1*36 v), it is possible 
to deposit first silver, then copper, and finally cadmium. 

It follows from these examples that metals are liberated during electrolysis 
in the order of decreasing oxidation potentials. The reason is not difficult 
to see. Metals with high potentials are more “noble”, i.e., more difficult 
to o.xidise, than metals with lower potentials. On the other hand, the cations 
formed by the noble metals are stronger oxidising agents and therefore they 
are easier to reduce during electrolysis, requiring lower voltages and there- 
fore less energy consumption. 

However, it is known that the oxidation potential of a given system 
depends not only on the nature of the metal but on the concentration of 
its ions in solution. Therefore, by varying the concentrations of ions by 
binding them in complexes we can sometimes alter the sequence in which 
they are liberated during electrolysis. For example, it was stated above that 
copper is deposited first from a mixture of CuSO^ and CdSO,, solutions. 
However, if a sufficient amount of KCN is added to the solution, it is possible 
to deposit cadmium quantitatively on the cathode at 2*5 v while all the 
copper remains m solution. The reason is that cations of both metals form 
theconiplex ions [Cd(CN), ] " “ = l-4x 10"^’) and [Cu(CN)i] 

= 5 :- 10 '®). Because of the lower value of £jn 5 t. copper 

complex the Cu ^ ion* concentration in solution falls much more than 
the Cd ■’ ion concentration. Accordingly the oxidation potential of the 
Cu/Cu ' system becomes less than that of the Cd ■*" ’'’/Cd system. Therefore, 
under these conditions copper behaves as the less noble metal and is liberated 
at a higher voltage than cadmium. 

This example clearly demonstrates the significance of complex formation 
in electrolytic separation of metals. 

* The action of KCN first reduces Cu^ ~ ions to Cu", and the latter then form the 
complex lCu(CN),) . 
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§ 133. Effect of Solution pH 

In discussing the role of solution pH in electrolysis we must be guided by 
considerations analogous to those put forward above. It should not be for- 
gotten that aqueous electrolyte solutions always contain H ions, which 
may be discharged at the cathode instead of the cations of the metal being 
determined. However, this happens only if the voltage required for hberation 
of a given metal is higher than the voltage of hydrogen liberation. Therefore, 
knowing the oxidation potentials of the metal and h>drogcn at the given 
concentrations of their ions in solution, and taking into account the hydrogen 
overvoltage on the metal, we can easily predict theoretically what should 

be liberated at the cathode. 

In illustration, let us consider the following problem : is it possible to 
electrolyse 0*1 M CuSO., solution at pH = 0. i.e., at [H ^ ^ 1 g-ion, 

litre*’ First we find the oxidation potential of the Cu'^ ■^/Cu system when 
[Cu + + ] = OT g-ion/Iilre. Its value is 

£=0-34 + —/^ log O-I ^0-31 v 

The oxidation potential of the system 2H‘^/H^ at [H ^ ] = 1 is zero. 
However, since the cathode becomes coated with copper during electrolysis, 
wc must take into account the hydrogen ovcrv'oltagc on copper. This o\er- 
voltagc is — 0'58 v (at current density 0 01 a/cm-). Therefore, a cathode 
potential of —0-58 v corresponds to liberation of hydrogen, and 4 0-31 v 
to liberation of copper. Therefore, the acid solution would not mtertere 
with deposition of copper on the cathode. Liberation of hydrogen can 
begin only when the Cu ' ion concentration has fallen to a value corre- 
sponding to a potential of -0-58 v. This concentration can be easily found 

from the equation 

— 0-58 = 0-34 + - 2 ^® log [Cu + + ] 


hence 


ag lCu + 


+ 


( 0-34 -• 0 - 58)2 
i — n-n^8 


= —31-7 


and 

fCu+'‘‘l= 10 "•■*’■’ = 2x 10^=*^ g-ion/litre 
Therefore, hydrogen is not liberated until the deposition of Cu ions 

has been practically completed. . , , , ^ • 

If we take CdSO^ solution instead of CuSO„ since the standard oxidation 
potential of the Cd+ +/Cd system is negative (£„ = —0-35 v) it might seem 
at first sight that hydrogen would be liberated during electrolysis. However, 
we must take into account the hydrogen overvoltage on cadmium, which 
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is about —0*7 v. Therefore, although the potential of cadmium is negative,, 
it can be deposited from acid solutions; this is confirmed by experiment. 

It is even possible to deposit zinc {_Eq = — 0’76 v) from acid solutions, 
because of the high hydrogen overvoltage on zinc (—0-75 v). However, 
the deposition of zinc is not complete at a considerable H ion concen- 
tration. Deposition becomes more complete if the acid concentration is 
decreased or, even better, if a strong acid is replaced by a weak one. For 
example, good results are obtained in determination of zinc in presence of 
CHaCOOH-i-CHaCOONa buffer mixture, which gives a pH of about 
6 in solution, i.e., an H"*" ion concentration of the order of 10 g-ion/litre. 
Under these conditions the oxidation potential of the 2H’*'/H2 system 
falls to 

£= 0 + 0-058 log 10 '8 0-35 v 

Zinc is also often determined in alkaline or ammoniacal solution. The 
decrease of H ^ ion concentration which results from the presence of alkali 
greatly lowers the oxidation potential of 2H Thus, at pH = 14, its 
value is 

£=0 + -®'* log 10-1' = — 0-81 V 

Moreover, the hydrogen overvoltage is also higher in alkaline solution. 
However, this is accompanied by a lowering of the oxidation potential of 
the Zn'^'^/Zn system, because under the specified conditions most of the 
Zn “ ’ ions are converted into ZnO, anions (with excess of strong 
alkali) or into fZn(NH;,),, ] ■*■ ~ cations (in ammoniacal solution). 

Quantitative consideration of all the opposing effects here is rather com- 
plicated, and requires a knowledge of the decomposition constants of the 
complexes and of the hydrogen overvoltage at various pH values. However, 
it has been found in practice that electrolytic determination of many metals 
(zinc, nickel, etc.) in solutions containing ammoniacal, cyanide, oxalate, and 
otlier complexes is quite practicable and usually gives good results. This 
procedure always has to be used if it is required to deposit electrolytically 
from alkaline solution a metal the hydroxide of which is sparingly soluble. 
Another method for preventing the liberation of hydrogen during electrol- 
ysis, in addition to lowering the H ion concentration and thus reducing 
the potential of the 2ll*;Hj system, is by the use of a mercury cathode 
for electrolysis. The hydrogen overvoltage on mercury is particularly high 
(about — I v). Therefore, ifa mercury cathode is used it is possible to deposit 
quantitatively many metals which cannot be deposited on platinum because 
ludrogen is liberated there instead. Another advantage of the mercury 
cathode is that liberated metals form amalgams with mercury. Since amal- 
gams are dilute solutions of these metals in mercury, they are dissolved 
(i.e.. oxidised) much less than the corresponding metals in the pure state, 
i.e,, they behave like nobler metals. Because of this, even alkali metals can 
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be liberated at a mercury cathode (at low H + ion concentrations). The use 
of mercury cathodes for separation of Fe++7 and a number of other 
cations from A1 + + +, Ti + + + ^ etc., is very important. 

S 134. Significance of Current Density in Electrolysis. 

Accelerated Electrolysis 

proportional to the applied electrolyte solutions we must take 

resistance (i?). Howey , ^ which opposes the current, and therefore 

sented by the formula 

( 1 ) 

‘ ~ R 

It Should be noted that the r«rr^ c*lfrr' 

of the current strength is signifi eres) to the area of the electrode 

the ratio of the current ^is l^^rated For example, if the current 

's^eng^ " l" r cathoTe'ea is 100 cn.. the cathodic current den- 
sitv is — ^ 0*01 u/cm*'. 

^ 100 , . Ht'terminc the current density we 

From this it is clear that in is in the form of a rcclangular 

must know the electrode arc.. evidently double the area of 

plate or a hollow cy>;nd r. i s surface a_r^^^^ ^ 

’of%"wrreteTh electrode can be calculated with sufficient accuracy for 
practical purposes arc made from p.ecc-s 

r;> :rs. . .... .r 

“'rrlea of a°gim°c"kctrodc can be calculaled more osactly from thc 

S = 2m//fc \'n 

where is the thickness of the wire; 

/ is the length of the gauze; 
h is the width of the gauze; 
n is the 

surface^per'unU tira"nd the sooner is the electrolysis completed. 
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It must be borne in mind, however, that if the current density is too high 
the deposit formed is loose (spongy) and adheres badly to the electrode, 
so that it is easy to lose some of it. In addition, such deposits have enormous 
surface area and are therefore oxidised more easily by atmospheric oxygen; 
this is another source of error in analysis. 

The explanation of the spongy structure of metal deposits is that at a high 
current density more metal ions are discharged at the cathode per unit time 
than can reach the cathode from the solution. Therefore, the solution near 
the cathode becomes so impoverished in respect of these ions that H ions 
begin to discharge instead.* The gaseous hydrogen covers the cathode sur- 
face with bubbles, which make the metal looser during subsequent deposi- 
tion. The metal is thus permeated by an enormous number of small pores 
and adheres badly to the electrode. 

At lower current densities the loss of the ions near the cathode is counter- 
balanced by diffusion of these ions from other parts of the solution. In 
consequence, the potential of the oxidation-reduction system formed at the 
cathode, for example Cu "^/Cu. is continuously maintained at the required 
level until deposition of Cu is practically complete. Hydrogen liberation 
is thereby prevented and a compact and bright copper deposit is formed 
on the cathode; this deposit adheres very firmly and has a small area. There- 
fore, the errors due to loss or oxidation of the deposit are eliminated and an 
accurate result is obtained in the determination. 

Thus, because the diffusion of ions is a slow process, in order to obtain 
good deposits the electrolysis must be conducted at low current density, 
which slows it down considerably. Therefore, stirring of the electrolyte, 
used by N. Klobukov as long ago as 1886, is a very successful solution of 
this difficulty. Considerably higher current densities can be used if the 
electrolyte is stirred, so that the process is greatly accelerated. 

Stirring can be effected by a variety of methods. For example, a stream 
of some indifferent gas can be passed through the solution by means of 
a glass tube. A certain degree of mixing is also achieved if the solution is 
heated non-unifortniy; this is done by moving the burner flame from the 


centre of the bottom of the vessel to the side, so that convection currents 
arise in the liquid. 

Increase of the solution temperature also greatly increases the rate of 
dil fusion and. in addition, because the viscosity of the liquid decreases on 
heating, the resistance of the liquid to migration of ions through the solution 
diminishes, improving the electrolysis conditions. More effective stirring 
is achieved by the use of various automatic stirrers driven by electric motors. 
Often one of tlie electrodes acts as a stirrer. For example, N. Klobukov 
used a rotating anode in the form of a corrugated disc. 


• l or example, it was shown earlier (p. 443) that if the Cu “ ion concentration 
ai the cathode falls to 2 - 10 g-ion/litre the potential of the ' /Cu system becomes 
equal to the potential ( — 0-58 v) at which H ' ions arc discharged at a copper-coalcd 
electrode and gaseous hydrogen is formed. 
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Alternatively, a rotating cathode is often used. This is usuall>jn the form 
of a platinum gauze cylinder on a frame of thick platinum wire. The electrol- 
ysis is conducted in a beaker, and the anode ts a similar platinum cylinder, 

but of larger diameter, concentric with the cathode. 

Sometimes stirring is effected electromagnetically. The beaker with the 
electrolyte is surrounded by a coil through which a direct current is passed 
A strong magnetic field is created m the coil, and this causes fairly rapid 
rotation^of the electrolyte. Electromagnetic stirrers which are immersed 

directly into the solution arc also used. 

The data in Table 22 show how electrolysis is accelerated by automatic 

stirring of the solution. 


Table 22 




Sui»onjr> 

electrode 

Rapidly mov 

1 mg electrode 

Meta) 

deter* 

mined 

1 

Solution 

1 

Amount of 
nivtdl 
deposited, 
g 

Minimum | 
deposition 1 
lime, 
hOMt^ 

Amount of 
mcidl 
deposited. 

8 

Minimum 

deposition 

time, 

minutes 

Cu 

Nt 

Zn 

Acid 

Ammoniacal 

Alkaline (NaOH) 

0 25 

0-25 

0-25 

1 

VI, 

3 

0'3 

0-2 

04 

1 

! 10 

20 

15 


“eT^oTysirrudf -l^ounds gives more uniform and compact cathod.c 
metal deposits than by the shortest path. 

i.e., by the path which , in which the concentration of metal 

occurs in the electrolyse by transfer of 

ions IS high and the aoDlicd voltage (if the current density is 

ions under «''« ' sitds to be deposited on the cathode surface 

not too high). c ^ ber amounts of metal arc deposited predominant- 
form projections on It .^e distance to the anode (and thcre- 

ly on hese This results in the formation of long growths 

towards the anode. Such growths do not adhere firmly 

to the the concentration of the metal 

In lowTr^The loss is usually made up only by diffusion, and 

rt'bvrr7nsrr undT[he influence of current, because most oHlie metal 

whic'h mSrtowari" lUe Tr during elecLysis. In consepuence the 
To^utioir tecomes very impoverished with respect to cations at the points 
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of the cathode surface where the metal crystals are deposited. Therefore, 
discharge of cations begins at other points of the cathode surface, where 
their concentration is higher. Deposition is therefore more uniform over 
the entire cathode, and the deposit is more even and compact. Because of 
this, and also for the reasons stated earlier (p. 442) complex compounds 
of metals are very often used in electrogravimetric analysis. 

§ 135. Determination of Copper in Copper Sulphate Solution 

Copper can be determined electrolytically either in acid or in ammoniacal 
solution. Especially accurate results are obtained when copper is deposited 
from solution containing nitric acid, because HNO3 acts as a depolariser 
and prevents liberation of hydrogen at the cathode (p. 437). In its presence 
NOa"* ions are reduced at the cathode to The reaction, represented 

«5 

by the equation 

NO3+10H + +8e = NHJ-1-3HP 

requires a lower voltage than the reduction of H'*’ ions to Hj. 

However, in this case the electrolysis is very lengthy (6-8 hours). There- 
fore, if very high precision is not required, it is preferable to use sulphuric 
acid solution with an addition of a certain amount of HNO3 as depolariser. 
The nitric acid should be free from nitrous acid, which retards deposition 
of copper and which may cause deposition of CuO. It is possible to remove 
HNO, by previous boiling of the nitric acid, or by addition of a small amount 
of urea C0(NH J2’ which reduces nitrous acid to nitrogen. 

The acidity of the solution is very important to deposition of copper. 
The best results are obtained with H..SO,, solution of about 0’2N concentra- 
tion. At lower acidities the deposit is dark owing to partial oxidation of 
copper by the oxygen formed at the anode, so that the results are too high. 
Conversely, at excessively high acidities the deposition of copper slows down. 
The solution is heated to 50-70° C to accelerate the electrolysis. 

Before the determination the electrolysis apparatus must be assembled. 

Preparation of the Apparatus. The apparatus for electrolysis is shown in 
Fig. 73. The cathode is a platinum gauze / supported on a frame of thick 
platinum wire, and the anode is a platinum spiral 2. When assembling the 
apparatus, remember that the electrodes must be handled with great care. 
Never touch the working parts of the electrodes with the hands, as this 
inevitably contaminates the electrodes with grease, and copper is not de- 
posited on greasy cathode surfaces. 

In consequence, the current density at other regions of the surface may 
rise above the permissible level. The electrodes must be picked up only 
by the very tops of the rods. When the rods are fixed in the terminals, they 
must not be screwed in too tight. 

Before the apparatus is assembled, the electrodes must be thoroughly 
cleaned. For this, they are immersed for some time into hot dilute (1:1) 



§ 135. Determination of Copper in Copper Sulphate Solution 


44 ‘J 



I -> Uectrodes 


Fig 73 Apparatus for elccirogravimctric analysis, 

components: 

I - platinum gau« (cathodO; 2 - P'f ^ " 


and it^ 
rhcostji: 4 


individual 

— ammeter; 


nitric acid to dissolve any metal which may remain from previous dciermi- 
"Snsfnd to remove other contaminations. The fetrodes are then taken 
out of the HNO. solution, allowed to dram completely, and washed ihor- 
ou^y nrst wUMap and then with distilled wat.j The HNO 3 solution should 

" L°mpfeterth^e pr^pa^mfo; “of fh^a^nodt'^he cathode must he dried 
inis complete P .Liohed To speed up the drying, the cathode is 

dippedl^ o ethyl a\cohol and then into ethyl ether (/n>Wy h./VmnmnA/e Aeep 

S”“ ■" a.-.™ ho,-p,.» » . 

gauz?* The cathode is then taken into the weighing room, left near the 
balance for 2-3 minutes, and w'cighcd accurately. 

~T77 — IT ^ h-i-i been washed in distilled water, it is permissible to wash it 

, -.u ^fhi. loncer healing is needed for drying, and this is best done 

ill a d'S^ig^LTn^he alcohol and ether should be stored in well-stoppered bottles after 

use; they can be used repeatedly. 

29 - 0001 
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The most convenient source of current is a lead 
about 2 V Other current sources may be used, such as alkaline batteries 

or direct current mains, but in such cases the required voltage ^ 

is established by means of the rheostat 3 m the circuit and the voltmeter J 
(see Fig 73). It is also possible to use alternating current, but in such cases 
a r^tifier is necessary (for example, of the selenium or copper oxide type) 
With the usual cathode area (about 100 cm^) and the amounts of reagents 
"ted below! a voltage of about 2 v gives the current density required 

for the process to take place normally. ^ ^ as 

ProceLe. Having prepared the electrodes and “‘‘Jf 

described above, wash thoroughly a beaker copper 

and out into it the CuSO^ solution, containing not more than 0 1 g ot copper. 
Add^7-8 ml of2NHN03and 3 ml of dilute (1 :4) H^SO^ solution. Put the 

hpiker with the solution in the ring of a stand. ..... i ... 

Lower the weighed gauze cathode into the beaker and fix it m a clamp 
so that it does not touch the bottom or sides of the beaker and is ^''cty^here 
equidistant from them. Fix the platinum spiral 

so that the anode is at the centre of the gauze cathode. This is Itupucta"'. 
otherwise copper would be deposited predominantly on the ccSi°"s of the 
cathode surface closest to the anode. The current density at such regions 
would be much higher than elsewhere, and a spongy and easily crumbled 
copper deposit may be formed. The end of the spiral should project 
a Uttle beyond the gauze, a few millimetres short of the bottom of th 

*^*^Havinc fixed the electrodes, dilute the solution with distilled water until 
the liquid level in the beaker is about 1 cm below the top edge of the 

^^C^over the beaker with two halves of a cut watch glass, and then join 
the cauze cathode to the negative pole and the spiral (anode) to the positive 
pole of 'the current source by means of wires, check the voltage again and 
L ust it by means of the rheostat. The ends ofthe leads joining the electrodes 
m S cu^rent source must be well cleaned and fixed so as to ensure 

^^To spe^eTup the electrolysis, heat the solution gently (to 50-70® C) 
over a small flame of a special gas microburncr or spirit bmp. ^ ^ be tt^ 
to h:ne the flame nearer to one side ofthe beaker rather than m the centre, 
because this favours belter mixing of the liquid as the result of convection 

^''cominue the elcclrolvsis until the solution is completely colourless (this 
usually takes about an hour), and then test for complete deposition of copp^ • 
To do this, add distilled water into the beaker (having rinsed the waten 
glasses with it) until the liquid level has risen by 2-3 mm, and then » ' 

uc the clectroivsis for about 10 minutes. If a coating of copper, ofa go aen 
tinee, docs not appear on the newly immersed part of the electrode, t^ 
a drop of the solution on a dropping plate (or a watch glass) and add 
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drops of sodium acetate solution followed by a drop of K,(Fe(CN).;] 
solution. If a reddish brown turbidity due to Ca. [Fe(CN)o 1 does not appear, 
the deposition may be regarded as a complete. Conversely, if a copper 
deposit appears on the newly immersed part of the cathode, more water 
must be added and the electrolysis continued until the test for complete 
deposition of copper gives a negative result; the above test for Cu ' ' by 
the action of K., [Fe(CN)c] in presence of CH3COONa* must then be 

Whe^n the deposition of copper is complete, turn out the burner and wash 
the electrodes The current must not he disconnected, otherwise the copper 
deposited on the cathode begins to dissolve immediately in the hot acid 

mixture containing HNO3. , • , , 4 

Several different methods may be used for washing the electrodes: 

1 Raise the horizontal rod of the stand carrying the clamps with the 
electrodes fixed in them.” remove the beaker with the solution, and 
quickly replace it by another, filled with distilled water. Raise this 
Lond beaker so that the gauze is completely immersed in the water. 
After one minute replace thts beaker by another, with a fresh portion 
of distilled water. Change the water in this way about four times until 
liberation of oxygen bubbles at the anode ceases. When changing the 
beakers, take care that the electrodes arc not exposed to the air lor more 

than a few seconds. , 

2 Having removed the electrodes as described above, put an empty 

beaker quickly under them and wash them immediately with a jet ot water 

from a wash bolllc. . , > « i 

3 Carefully introduce a siphon tube filled with water into the bcat-s’r 

almost to the bottom, trying not to touch the cathode, and siphon olf the 
solution into a beaker or jar below. At the same tune, add dtsti ed water 
into the beaker so that the electrodes are always submerged to the top ol 
the gauze Add water until liberation of oxygen at the anode ceases. 

When the washing is completed, and only then, disconnect the current 
and take the electrodes out of the clamps. Put the cathode on a piece ol I li- 
ter paper allow the water to drain, wash the cathode w ith alcohol and ether, 
and then’ dry and weigh it. All these operations are performed as in the 
preparation of the cathode for the detcrminmion (seeabote) The diHer- 
e^nce between the weights of the cathode before and after electrolysis is 
the weight of copper deposited. With proper working, the copper deposit 
on the cathode should be compact, of a golden colour, without dark spots 
indicating partial oxidation of copper with formation of CuO. li the de- 
posit is spongy or dark, the determination must be rejected and repeated. 


• CH COONa is used for replacement of the strong acids present in solution by the 

weak a^hc ^land permits, lower the beaker with the solution enough 

to allow another beaker to be put in its place. 




452 


Chapter X. Electrochemical Methods of Analysis 


At the end of the determination clean the electrodes, keeping them m 
hot dilute (1-1) HNO 3 solution until the copper has dissolved completely. 
Then wTsh them thoroughly first with tap and then with distilled water. 

§ 136. Separation and Determination of Copper and Nickel in Solution 

The separation and consecutive determination of copper and nickel in 
sohihon fs based on the difference between the ‘‘composition voUages of 
their salts and on appropriate regulation of the solution pH. For ^xamp , 
Conner the oxidation potential of which is +0-34 v. is reduced at the cath- 
od^much more easily than nickel, the standard potential 
tive (£ = —0-23 v). At a potential of about 2 v copper is deposited complet 
ly on the cathode even from strongly acid solutions, whereas mckel is 
not deposhed under these conditions. For complete 

from the solution after deposition ‘^‘>PPC ‘ V* ion consX- 

ihc voltace to '^-4 v but also to lower the H + ion concentration consider 

ably by inaking the solution alkaline with ammonia. This converts he Ni 
Ls into complex [Ni(NH,). cations which ;“;s wUh 

Fc + ^ ‘ ions and certain other cations which do not form complexes wit 
ammonia (if such are present in solution) are precipitated as the hydroxides 

and can be separated by filtration. ^n\A\r 

If, insieiid of this, a nickel salt is electrolysed in even a '’^y 'cakly ^ dm 

solution then nickel is not deposited completely because of the ^ 

value of the standard oxidation potential of the N' “"a, Je 
low hydroscii overvoltage on nickel, as H + ions begin to discharge at the 

cathode instead of Ni ' ' ions long before Hie deposition is comp'et^ n 

ammoii.aeal solution the oxidation potential of the 2 H ^ “"'J' h- /N i 

to about —0-7 V and becomes less than the potential of the Ni /i i 

system, despite the fact that the concentration of Ni^ions ms^^ 

decreases as the result of formation of the [Ni(NH:t),] 

Deposition in ammoniacal solution is advantageous also becau 
the nickel is then present in solution in the form of complex 
therefore forms a more compact and even layer on the ^ ^ 

Procedure. Put the solution, containing not more than 0 1 gcac PP 

and nickel, into a l.SO ml beaker and determine its copper content (§ 135)^ 
The solution remaining after separation of the copper, togethe 
first portion of the washings (the first beaker with water . 

described on p. 451). must then be evaporated to Remove HN^ Ovhicn 
prevents complete deposition of nickel) on a sand bath in a fume cupb^ 
until dense while "smoke” of SO 3 appears.* Transfer the solution for evap 

* The so, -sni yke” (more correctly described as mist) consists of 
of ll SO formed bv the reaction of SO^ with atmospheric moisture. Its 
d ic-hos con X removal of water and nitric acid from solution and conve^ion of all 
n. '^ removal of the NO7 ions which interfere with the determt- 

nalion. 
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oration to a porcelain basin and heat it so that it evaporates but docs 
not boil, because splashing is inevitable during boiling. 

At the end of the evaporation allow the contents of the basin to cool 
completely then dilute the contents cautiously with 25 ml of distilled 
water and warm until all the salts have dissolved. If necessary, add a little 

dilute (1:4) H-.SOj solution. 

Now neutraUse the sulphuric acid present in the solution with pure 25^. 
ammonia solution.* adding the latter until the colour of the solution changes 
from green to bluish (colour of [Ni (NH,),) - ' ions) or until a weak 
odour of NH,can be detected. Then add 20 ml more of ammonia solution 
to the nearly neutral solution, and dilute it to 100 ml vsith distilled water. 

Before starting the electrolysis remove the deposited copper from the 
cathode by means of hot dilute (1 :1) HNO, solution and prepare the elec- 
trodes (as for determination of copper). Having assembled the apparatus 
and adjusted the voltage to 3 5-4 v (if lead accumulators are used, two 
must be connected in series), perform the electrolysis in the usua way. 
In this case part of the cathode should not be letl outside the liquid, 
because the deposited nickel differs little from platinum in appearance and 
completeness of deposition cannot be checked, as in the case o copper, by 
addition of water and consequent increase of the immersion depth o( the 

The electrolysis should be conducted at a temperature of about 6C C. 
because in the cold nickel can absorb considerable amounts of hydrogen 

and the deposit may flake off easily in places. i ■ r e 

When the solution is quite colourless continue the electrolysis for 5 more 
minutes; then take a drop of the solution onto a tile or «atch glass and act 
onitwith a dropof(NH,),S solution. If there is no brown colour as thcycsult 
of NiS formation, continue the electrolysis for 5 more minutes and then 

wash the electrodes and dry and weigh the cathode. 

The electrolysis should not be continued too long, because the platinum 
anode then begins to dissolve and the platinum is deposited on the cathode, 

giving too high a result. • . • i i l l -i- 

When the determination is ended, dissolve the deposited n.ekel by boiling 

the cathode for 15 minutes in dilute (■: ) "■‘■''c acid. The dissolution is 

accelerated if Cu - ' ionsare present in the HNO, It is even better to dissolve 

the nickel by electrolysis. For this, the gau/e electrode with the deposited 

nickel is made the anode (i.e., connected to the positive pole of the current 

source), with copper wire as the cathode. The electrolyte is dilute nitric 

doid 

At the end of the process the electrode must be carefully examined; 
its surface must be free from traces of undissolved nickel 

Ifblackfiakesappearwhenthe metal deposited on the cathode is dissolved 
in HNO this means that platinum is being deposited together with 

• The ammonia solution must not contain any admixture of organic compounds. 
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nickel owing to partial dissolution of the platinum anode ^ove)^ 

In Lch cases the determination must be rejected and 

taken not to continue the electrolysis longer than is necessary. 

8 137. Separation of Ions at a Mercury Cathode. Determination of 
^ Titanium in Steel 

Rprinse of the high hydrogen overvoltage on mercury (about Iv) and the 
abmty of mercury to form amalgams with lower oxidation 
those of the metals liberated during electrolysis various 
nnctical importance can be performed by electrolysis with a ^ercuo^ 
Lthode. An^example of such separation is the determination of titanium 

A we\ghed''s''ampro\ steel (or cast iron) is dissolved in ^ 

tion is electrolysed with a mercury cathode in “^‘°"'ercur^ 

chromium manganese and other metals are deposited on the mercu^ 

cathode and form amalgams, while titanium, aluminium, and vanadium 

acid solution by the organic reagent cupferron.* The reaction is represented 
by the equation: 


.N = 0 

N<: 

I ^ONH, 


N-:' ^ 


4 , \ 

cupferron 


Ti(SO,). = I 


O 


/v 






Ti 2(NH,).SO, 


ycUow precipitate 


WlKU the precipitate is ignited it is converted into T.O,„ " 

healing (in a fume cupboard) on an electric heater or J* *" f ‘ 

I . addmit °'ncm.tmterHN ^3 drop by drop until Nothing stops. Remove 
excess HNO, by careful evaporation of the solution until white SO, smo*- 

appear” Cool the liquid, add carefully 70-80 ml of cold water, and warm 

the mixttire until the salts have dissolved completely. residue 

Filter off the undissolved silicic acid and graphite and h residue 
two or three times with acidified hot water and two or three times with hot 


• As stated onp. 1 32, cupferron is the ammonium salt of n'‘''us°P''enylhydroxylamme 
Three grams ofThe substance is dissolved in 100 ml of cold water. The solution is unstable 
and must not be kept longer than two days. 
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water without acid.* Neutralise the solution together with the washings by 
adding NaoCOa or ammonia solution until a turbidity (precipilaie) appears 
and does not vanish on stirring; add a slight excess (not more than I -2 ml) 
of H2SO4 to dissolve this precipitate. The total volume of the final solution 

Having prepared the solution as described above, proceed with the electrol- 
ysis Transfer the solution quantitatively into the electrolysis vessel shown 
in Fig. 74, containing 150-200 g of mercury. 

In work with mercury great care must be taken 
not to spill a single drop, because mercury vapour 
is poisonous and spilt mercury slowly evapo- 
rates and contaminates the air in the room 
for a long time. 

Connect the mercury to the negative pole and 
the platinum spiral to the positive pole of the 
current source. Pass a current of 3-4 a at 5- ' 
to effect electrolysis. 

Continue the electrolysis until the solution 
becomes colourless; after 15-30 minutes of 
further electrolysis test a drop of the solution tor 
Fe + + by means of K3 (Fe(CN), ] solution. If the 
colour produced is pale yellow, and not blue 
(or green), slop the electrolysis. Without inter- 

ruptingtbe current even for a minute, run al the 

mercury out through the tap into a vesse or 
the purpose, and then siphon the solution into 
a large beaker, previously filtering it in order 
to retain any drops of amalgam which migh 
be carried over. In the same way, taking care 
not to interrupt the current, wash the electrol- 
ysis vessel two or three times with water 1 he 
total volume of the solution with the washings 

'^When^tL^Sin^is^cLpIetc, switch 

1C u CO rsn cr T84) and then cool it to 5-lU C. rsow aau 

3% cupS ron ^olSion drop by drop with continuous stirring to prec.pUatc 
timnil Cominuc the addition until a wh,t= turb.d.ty (wh.ch vanishes 

rntet the Elution 

throuEh a fiber containing a small amount of paper pulp (see p. 105), and 
washlL p^cipitareXrLghly first with 5% (vol.) H,SO, and then two 

or three times with pure water. 

— 1 - 1 le. arv-.ir-»te determinations, the filtered and washed residue must 

be fuf^d with'2-3 g of K,sp,; the melt is leached with 2»/. sulphuric acid, the residue 

is filtered off and the filtrates arc combined. 



Fig. 74 . Apparatus for elec- 
trolysis with a mercury 
cathode 
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After the washing allow the liquid to drain as fully as possible froin the 
precipitate and then transfer the precipitate on the filter into a weighed 
crucible which has been taken to constant weight. Dry the filter carefully, 
then ash it slowly without letting it catch fire, and finally ignite the preci^ 
itate in an electric muffle furnace (or over the full burner flame) at 1,100°^ 
to constant weight. 

From the weight of the TiOi precipitate calculate the amount of titanium 
in the sample and the percentage of titanium in the steel. 

The filtrate on separation of titanium contains all the aluminium: this 
can be precipitated by hydroxyquinoline and determined as described in 
§ 42. 

§ 138. Internal Electrolysis 

The electrolysis processes discussed above are effected by application 
of an external e.m.f. from a source of current. However, the latter is not 
essential. It is possible to carry out electrolysis so that the solution with 
electrodes immersed in it constitutes a galvanic cell which produces its 

own current; this current causes electrolytic deposition 
of the metal to be determined on a weighed cathode. 

This method, known as internal electrolysis^ may be 
illustrated by the following example. Electrodes, one of 
which is made of platinum gauze and the other is a zinc 
plate, are immersed in a beaker with CuSO^ solution. 
The electrodes are then joined by means of a cop- 
per wire or clamp (Fig. 75). The resultant system is 
evidently a galvanic cell in which the less noble metal 
(Zn) yields electrons and goes into solution in the 
form of Zn '' ions: 

Zn — 2e = Zn + + 

The released electrons travel along the wire to the 
platinum electrode and are transferred there to Cu"^^ 
75. Apparatus {(yus, which are thus reduced to metallic copper which is 

trolysis without a deposited on the electrode. 

diaphragm Cu | Cu 

Adding the two equations, we have: 

Cu + "+Zn = ’ Cu-i-Zn + + 

4 

Thus, Cu"^ ^ ions are reduced by metallic zinc during the action of the 
cell. Other metals, such as Al. Fe. Pb, etc., can be used as the anode instead 
of zinc. However, these metals must be less noble than the metal to be 
deposited (Cu), i.e., they must have lower (more negative) oxidation poten- 
tials. 
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In other words, only metals mth higher oxidation potentials than the anode 
are deposited on the cathode. Metals with lower oxidation potentials remain 

in solution. 

It is therefore possible, by choosing the anodes suitably and by using 
different salts (simple and complex) and regulating the medium to achieve 
very sharp separation of metals even if their oxidation potentials are close 

to each other. 


Table 23 

Solutions and Anodes for Internal Electrolysis 


Table 23 indicates the 
anodes and solutions 
with which various ca- 
tions are determined by 
the method of internal 
electrolysis. 

The current in inter- 
nal electrolysis is weak 
and very uniform, so 
that even extremely 
small amounts of metal 
can be obtained in the 
form of a very even and 
compact deposit on the 
cathode. 

It should also be point- 
ed out that in internal 
electrolysis the only oxi- 
dation process at the 
anode is dissolution of 
the latter, i.e., its con- 
version into the corre- 
sponding ions, while in 
ordinary electrolysis 
various oxidation proc- ^^^^ sometimes interfere with depo- 

siUon of the^ required clement and. in general, introduce complications into 

the process. internal electrolysis is what is known as “contact 

ofdischarec of some of the ions of the metal to be determined 
precipitation , ore^^ent contact precipitation, the cathode and anode 

are ^ have involved the use of rather complicated apparatus. 

Some mvestigat.ons^ha^^^^^^^^^^ catholyte. which was the solution to be 

containing t solution of a salt in which the anode w-as im- 

mersed One t even bofh solutions had to be stirred by means of spec.al elec- 

trie stirrers. 


Cation 1 

deurmintd 

Solution ' 

AnoiSt 

Copper 

J 

1 

1 

Chloride 
Acetate 
Sulphate | 

Lead 

Iron 

Zinc 

Aluminium 

Lead 

Chloride 

Cadmium 

Cadmium 

.Acetate 1 

1 

Zinc 

Nickel 

Sulphate 

Zinc 

Bibmuih 

Chloride 

Acetate 

Lead 

Aluminium 

Aniimony 

Chloride 

1 

Iron 

Mercury 

Chloride 

Copper 

Silver 

Nitrate 

Copper 

Tin 

Chloride 

Oxalate 

Zinc 

Aluminium 
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Soviet chemists have simplified this rather complex technique. For exam- 
ple, Y. A. Chemikhov and his associates found that it is not necessary to 
use two solutions. It is quite sufficient to cover the anode with a semiper- 
meable collodion membrane in order to prevent contact precipitation. 
Similarly, instead of mechanical stirring, agitation of the solution could 
be effected by a current of inert gas passed through it. This much simpler 
apparatus gives very good results in determinations of even relatively large 
amounts (of the order of 0-2 g) of various metals, such as Cu, Bi, etc. 

The technique of internal electrolysis has been simplified still further 
by Y. Y. Lurye, who found that the use of diaphragms is not necessary if 
the amount of metal to be determined is small (not more than 20 mg) and 
if certain conditions are observed. His method of internal electrolysis is 
especially simple and convenient in practice. 

In this method the connected electrodes (see Fig. 75) are immersed in 
the solution to be analysed, contained in a beaker. The apparatus is left 
until the end of electrolysis, without stirring, after which the electrodes are 
taken out, the platinum gauze is washed, separated from the anode plate, 
dried and weighed. The metal deposited on the cathode can also be dissolved 
in acid, and the determination is then completed by the colorimetric or some 
other method. 

To avoid contact precipitation it is essential that the flow of current is 
not interrupted, because of bad contacts during the electrolysis. Therefore, 
all metal contacts are thoroughly cleaned with emery paper before each 
experiment. The anode metal should also be of the highest possible chemical 
purity. Its surface must be small, and it must be thoroughly polished with 
fine emery paper. The solution must not contain substances which cause 
appreciable destruction of the anode, such as strong acids at high concentra- 
tions, certain complex formers, etc. 

If these conditions are complied with, the method gives good results. 

As an example of internal electrolysis, let us consider the determination 
of copper in a magnesium alloy. 

Procedure. Dissolve a weighed sample of the alloy (1 g) in a mixture 
of 100 ml of dilute (1:4) H.^SO^ and I ml of dilute (I ; 1) HNO3. When the 
metal has dissolved, add several ml of 10‘’o hydrazine sulphate solution 
(NoH, • HoSO.,) to reduce nitrous acid and oxides of nitrogen, which inter- 
fere with deposition of copper on the cathode. Dilute the solution to 
150 ml, warm it to 60*65° C, and subject it to internal electrolysis. For this, 
immerse into the solution an electrode system consisting of a zinc anode and 
a platinum gauze cathode, assembled as shown in Fig. 75.* Previ- 
ously, thoroughly clean the anode and cathode contacts and the surface of 
the zinc anode and fix them firmly in the appropriate terminals. 

Keeping the solution hot, leave the electrodes in it for about I-H/2 
hours. Then test for completeness of deposition of copper by adding enough 




The cathode must be washed, dried and weighed as described on p. 449. 
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water to the solution to raise the liquid level by about 1 cm : if no deposition 
of copper can be seen after 10-15 minutes on the freshly immersed part 
of the cathode, test a drop of the solution with K, (Fe(CN)cl solution 

^‘’vVhen' deposition of copper is complete, take the electrodes out of the 
solution without disconnecting them, and wash them '>'oroughly^ Fmally 
wash the cathode with alcohol and ether (or with alcohol only) in he 
usual way, and dry and weigh it. Calculate the percentage of copper in the 

allov from the increase in the weight of the cathode. 

AUerLtively Y A. Chernikhov’s method of internal electrolysis with 
a diaphragm can be used. The anode is first immersed two or three times 
into collodion solution and left in the air to allow the collodion film to dry. 
The electrolysis is conducted m the cold for 50-70 minutes. 

§ 139. The Principle of the Polarographic Method of Analysts 

. !.• .u I ;nirnaiir»?d in W*"* by the Czech scientist J. Heyrovsky. 

.hesoMorrdl”tv‘^=uSa"^n b w.lh droppin.-mcrcury cathode under 

“ rs^cicd 

which automatically records a Elution wiih^change of voltage. By means 

variation of the current passing w <jctermincd quantitatively as well as 

of this curve the cations present in solution can oci^rmintu q 

qualitatively. 




1' ■ 

1 1 


\ 

_ J . 


\J 


J 
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4 


/\\LlwLtlnq 
current 


% 

Decomposition 
potentiai 

\ I I 

, Half-wave 
I C potential 

Vs OJ 0.3 0^ f.O */./ /.f 13 7.5 16 

Applied ( ^oLts) 

Fig. 76. Polarogram of a soluuon^containing one type of cation 

If the solution contains a salt of one cation only, the polarogram .s in the form 

of an S-shaped curve (Hg^ 76). reached a certain value (p. 438) 

This curve shows ^ 3 very close to zero (residual current). However, as soon 

^Ihirv'lucorriotogc is exceeded .he curren. increases rapidly w i.h .he vollage and 
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the curve rises steeply. However, very soon the current again ceases to incite and the 
curve becomes a straight line parallel to the abscissa axis (limiting or diffusion current). 
The current-voltage curve is therefore of a stepwise character, and is known as a “polar- 
ographic wave”. 

The potential at which the curve begins to rise steeply depends on the concentration 
of the ion being reduced and on the method of measurement. Therefore, it cannot be 
used for characterisation of an unknown substance. However, if we take the middle point 
of the steep portion of the curve instead of its initial point, and drop a perpendicular 
from this middle point onto the abscissa axis, and measure the corresponding potential 
(intercept AC on Fig. 76). we find what is known as the half-wave potential which is 
independent of the concentration and the method of measurement, and which is specific 
for a particular ion. Therefore, the cation present in the solution can be qualitatively identi- 
fied by its half-wave potential. 

Quantitative determination is based on measurement of the height of the polarographic 
wave, i.e., of the limiting current. To understand this, we should note that as the voltage 
rises the rate of reduction of the metal ions at the cathode increases continuously and 
the layer of solution in immediate contact with the cathode becomes progressively poorer 
in these ions. Eventually, the system reaches a state in which the amount of ions discharged 
per unit time at the cathode is exactly equal to the amount reaching it by diffusion from 
more distant parts of the solution. From this point the current cannot increase further 
with increase of voltage. This gives rise to the limiting current, which is also known as 
the diffusion current because of its connection with the rate of diffusion. 

However, the rate of diffusion is proportional to the difference between the concentra- 
tions of the ion in solution and in the layer adjacent to the cathode, where the concentra- 
tion is virtually zero under limiting current conditions. 

It follows that the height of the polarographic wave is directly proportional to the con- 
centration of the ion being reduced at the cathode (i.e., the ion being determined). 

Therefore, if we obtain, under identical conditions, the polarograms of an unknown 
solution and of a standard solution containing the given ion in precisely known con- 
centration (C.,.). denoting the heights of the polarographic waves by H.x and we 
can write the proportion: 



Of. //si. 


from which we can easily find the unknown concentration in the solution for analysis 

(Cv): 



For mass determinations it is more convenient to use a series of standard solutions 
and to plot a calibration curve showing the heights of the polarographic wave corre- 
sponding to different concentrations of a given ion, and to use this curve for finding 
the required concentrations during analysis. 

It was stated earlier that when a definite voltage is reached the current ceases to change 
whatever the increase in voltage. However, this is only true if the solution does not con- 
tain any other ions which can be reduced at the mercury cathode. If such ions are present, 
as the voltage is raised after the limiting current for one ion has been reached, eventually 
the potential rises to a value at which cations of another metal arc reduced. Conse- 
quently, the current voltage curve begins to rise again after the horizontal stretch. In 
other words, one polarographic wave is followed by another, and this by a third (if a 
third cation is present), etc. If the reduction potentials of these ions differ sufficiently 
(by more than 0-2 v). the ions can be detected qualitatively and determined quantitatively 
from the polarogram. Fig. 77 shows the polarogram of a solution containing Pb’*"'’, 
Cd'' Zn^ ^ and K~ cations. 
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A schemalic diagram of a Polarog«ph is sh^wn ,n A^d .tTugh 



J Th„ nroocrtitis of ihc anode change gradually (alihough 
duced at each successive drop. 1 nc p metal deposited from solution accumulate 

very slowly) as drops of mercury carrying the mciai o v 

in it. ^ , A Cioraec battery 5. As the circuit includes a poten- 

The current source is a 2 v (or a siu » experiment the voltage across the 

tiomclcr wire of high resistance, at means of the electric motor 4) of the 

solution is close to zero. However. b> ‘ • length of the wire is cut out of the cir- 

drum 3 on which this wire is woun • resistance in the circuit therefore dimin- 

cuit with the aid of the sliding contact ^ ^ (or 4) v. 

ishes and the applied voltage ‘■I?®’* S j corresponds to an increase of V-u of the total 
Each complete revolution of Gte arum ^ ^ » 

c.m.f. of the storage battery, i.e.. ^ ' j , ^covered with photosensitive (photograph- 
The routing drum 3 is geared to a y jn a ease with a narrow longitudinal 

ic)Jpaper which is firmly j ^m in one complete revolution of the drum i. 

slit. The sensitive paper is d'^placcd by i jHuf^mated by the light source S reflects the 

The mirror of the sensitive galvanomue . longitudinal slit in the case. 

light beam which reaches the sens jl-a.-jr the deflection of the galvanometer mirror 

The higher the cui^nt -nfrror leaves a thin line on the paper, visible after 

7. The light beam reflected from the mirroi 
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development. Thus the instrument automatically records a current-voltage curve together 
with a series of parallel lines / cm apart, which corresponds to an '^^rease of 0-1 (or 
0-2) V. Fig. 79 shows a polarogram obtained expenmentally. and indicates the method 
used for measuring the polarographic wave height (intercept A), from which the conan- 
tration of the given ion in solution is determined. The following condiUons must be 
observed in polarographic analysis: 

1. The solution for analysis must not react with mercury. , . . . , 

2. The electrolysis must be conducted without stirring of the solution, in order to 
avoid breakdown of the diffusion layers surrounding the electrode. 




fV?. 7S. Diagram of a polarograph with photo- Fig. 79. Measurement of polaro- 
graphic recording: graphic wave height 

/ for clccirolysis; • — mercury reservoir; 

J - rotating drum; •f ~ electric motor; 5 ~ battery; 

0 - cylinder with sensitive paper; 7 — galvanometer; 

— light source: 9 — sliding contact 


3. The capillary must be immersed in the solution; the rate of How of the mercury 

drops from ii is regulated by variation of the height of the reservoir 2 (see Fig. 78) so 
that 20-30 drops flow out per minute. The dropping rate must, of course, be the same 
in analysis of the unknown and the standard solution. , 

4. Oxygen contained in the solution for analysis is removed by a current of nitrogen 
or hydrogen, passed through it for 10-20 minutes (or by addition of sulphite if the 
solution is neutral or acid).* 

5. The solution pK must be appropriately adjusted or substances forming complexes 
with particular ions must be added in order that the reduction potentials of two (or more) 
cations should not coincide. 


• Oxygen present in solution interferes strongly with polarographic determination 
of the elements indicated above, as it gives 2 polarographic waves when reduced at the 
cathode. The first corresponds to reduction of O; to H;02, and the second, to reduction 
lo H-O or OH • ions. Dependent on the solution pH, the first wave is obuined at poten- 
tials from +015 lo — 0T5 V, and the second, from —0*5 to +1*2 v. 
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6 The influence of the electric field existing in solution is eliminated by addition of 
a concentrated solution of some electrolyte containing a cation with a high reduction 
potential (usually a salt of an alkali or alkaline-earth metal) The current is then carried 
almost entirely by the ions of this electrolyte. The ions to be determined take su^h an 
insignificant part in this transfer, because of their much lower concentration. ‘Jeir 
appearance at the cathode may be assumed, without a^r^iablc error, to lx due entirely 
to diffusion from more distant parts of the solution. Only then can it ^ assumed that 
the polarographic wave height is proportional to the concentration of the ions being 
J^u?^ at the^athode (i.e. the ions being determined) Such 

for eliminating the , - 

should ti'akcn. Seir^mpc® a.ures should be .he same, the mercury dropp.ng rate should 
-^rpolarographic method is coming to be more and more widely used in research 

veri' Imai? amoums o/impuri.ies, .ha, canuo, be de.erm.ned by .he usual chem.cal 
“'^SeOeral different elements can be determined i" 

Uvely and quan.iutively, without the because 

.heUu^.U^?o„c^r.ro^^'^m^:,rairs.Vnrn^ each electrolysis, since the 

polarographic current « with small volumes of solutions (about 1 ml or 

even S' o^'wi'.hTm^r weights of substant^s polarographic 

determinations can be 777, polarocrams eliminates subjective errors. 

MoUrr'd^SSr^ or ibree dc.ermina.tons can be per- 

^Th'e Vision S'pl.fographic d'iL^mahons'or 

Sn SoluTiS^meS cln^ be de.c^rmined by the usual chemteal methods. 


QUESTIONS AND PROBLEMS 
(on §§ 128-139) 

1. What is the principle of elcc.rogravimetric analysis? What are the advantages and 
disadvantages? 

2. State the properties which electrodes used for clec.rogravimetric analysis should 
have. 

3. What chemical processes take place at «'’= 

following solutions: HCl* Ni(N 03 ) 2 » K^S i 

4. Which mculs arc liberated at the anode in electrolysis, and why? 

5. State Faraday's laws and calculate the electrochemical equivalents of: (a) silver; 

(a) 0-001119 g/coulomb; (b) 00003293 g/coulomb. 

6. What weight of nickel is liberated at the cathode by a current of 3-85 a m 1 5 minutes? 

Answer: 1-054 g. 
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I. Calculate the weight of cadmium sulphate which can be decomposed by a current 
of 2-5 a in 12 minutes. 

Answer: 1-944 g. 

8. What volume (ml) of hydrogen is liberated during electrolysis of Na-SO* solution 
by a current of 2-3 a in 6 minutes? 

Answer: Approximately 96 ml. 

9. Calculate the time during which a current of 5 a should be passed through zinc 
chloride solution in order to decompose 2*456 g of ZnCU. 

Answer: Approximately 11-5 min. 

10. What is (a) electrochemical polarisation? (b) concentration polarisation? Explain 
the existence of a definite decomposition voltage. 

II. How can the decomposition voltage be calculated theoretically? What is over- 
voltage ? 

12. What is the decomposition voltage of CUSO4 in 1 M solution at pH = 0? How 
docs this value change at the point of practically complete deposition of copper (i.e., 
with decrease of the copper ion concentration in solution to 10 g-ion/litre)? 

Answer: 1*29 v; rises to 1'46 v. 

13. In what sequence are metals liberated as the voltage increases? 

14. The standard oxidation potential of the system Co^'*’/Co is -0-27 v, and that 
of Cd ‘ "^/Cd, —0-40 v. Use those values to find by calculation whether cobalt and 
cadmium can be quantitatively separated by electrolysis of a mixture containing 0-1 M 
each of CoSO, and CdSO^ per litre (at pH = 0). 

Answer: Liberation of Co begins at 1‘929 v and is practically complete at 2-074 v; 
liberation of Cd begins at 2-059 v, i.c., before liberation of Co is complete. Therefore, 
these metals cannot be separated clccirolytically under the specific conditions. 

15. To 1 Sf solution of a zinc salt solid KCN was added to give a CN ” ion concentra- 
tion of 1 g-ion/litre. What is the potential of a zinc electrode immersed in this solution 
if of the [Zn(CN),j‘' ' complex is approximately 1x10"“? 

Answer: -1-166 v. 

16. In electrolytic separations of metals, what are the advantages of binding their 
ions in the form of complexes? 

17. What is the role of H ‘ ion concentration in solution during electrolysis? 

18. Explain why. despite the negative value of the standard oxidation potential of 
the system Cd ' ’ /Cd, it is nevertheless possible to deposit cadmium by electrolysis from 
acid solutions. 

19. Calculate the oxidation potential of the system 2H'^/H.: (a) at pH ~ 4; (b) at 
pH — 7; (c) at pH = 14. 

Answer: (a) -0 232 v; (b) -0 406 v; (c) -0*812 v. 

20. What conditions should be satisfied by metal deposits formed by electrolysis? 
What are the disadvantages of coarsely crystalline and spongy deposits? 

21. What is current density? What is its role in electrolysis? What are the advantages 
and disadvantages of electrolysis at relatively high current densities? 
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22. What advantages are gained by stirring the solution during electrolysis? What 
is accelerated electrolysis? How is acceleration achieved? 

23. Why are oxidising or reducing agents sometimes added to solutions for electrolysis ? 

24. Explain why, at the end of electrolysis of CuSO* solution, the current is not 
switched ofT until the electrodes have been washed. 

25. What is the purpose of washing electrodes with alcohol and ether? 

26. Why is nickel deposited electrolytically from ammoniacal solution? What is 
the principle of separation of copper from nickel? 

27 What are the advantages of electrolysis with a mercury cathode. \Vhy is it possible 
to liberate even alkali and alkaline-earth mculs at a mercury cathode? Under what 
conditions is such liberation possible? 

28 How is titanium separated from iron, manganese, chromium, and other element 
in the analysis of steel? What ions remain with Ti-^+++ m such separation. How is 
the titanium content subsequently determined? 

29. What is the principle of internal electrolysis, and what are its advantages over 
external electrolysis? 

30. What anode may be selected for separation of zinc and nickel by intcrnalelectrol- 
ysis? 

31. What is conuct precipitation in internal electrolysis? How may it be prevented? 

32. What are the advantages and disadvantages of internal electrolysis with a dia- 
phragm» and without a diaphragm? 

33 What is the orincible of the polarographic method of analysis ? Explain how wiions 
pricnr^n solmiorare defected qualitatively and deterntmed quant, tat, vely by th.s 

method. 

34. Why is the height of the polarographic wave proportional to the concentration 
of the cation which is being reduced at the cathode . 

35. What is the function of the supporting electrolyte in polarographic determina- 
tions? 

36. State the conditions for conducting polarographic determinations. 

37. What are the advanuges of the polarographic method? What is its precision? 
How rapid are the determinations? 


30 ~ 6001 
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Values in brackets represent the mass number of the most stable isotope. 
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in. SOLUBILITIES AND SOLUBILITY PRODUCTS OF SOME SPARINGLY 
SOLUBLE ELECTROLYTES AT ROOM TEMPERATURE 




Numerical 

values 

Formula of 
electrolyte 

Product of ionic 
coDcen tra tions 

Solubility 
product (SP) 

Solubility 

(molc/Utrt) 


Hydroxides 


Ag(OH) 


Ag+l.[OH 1 

2x10-* 

1-4x10-* 

A1(0H)3 


AI+ + +1 • lOH-p 

l-9xl0-« 

1 

2-9X10-* 

Cd(OH)j 


Cd+ + l-(OH-]* 

1-2x10-” 

1-4x10-* 

Cr(OH)3 


Cr ■*■ + + ] • [OH'P 

5-4xI0-®‘ 

1 

1-2x10-* 

Cu(OH)s 


CU + -*-] • [OH-J- 

5-6x10-*® 

2-4x10-* 

Fe(OH), 


Fe-*- + ] • (OH-]- 

4-8x10-” 

4-9x10-® 

Fc(OH)3 


Fe + + + 1 . (OH-p 

3-8xlO-« 

1-9x10-” 

Mg(OH)j 


Mg + +].[OH-p 

5xI0->* 

1-1x10-* 

Mn(OH), 

1 

Mn+ + ] . (OH-p 

4x10-” 

21x I0-« 

Ni{OH),' 


Ni + + ] . (OH-p 

6-3x10-” 

5-4x10-® 

Co(OH)j 

1 

Co + + ).[OH-p 

2-0x10-” 

3-7x10-® 

Sb{OH)3 

1 

Sb+ + + ) . (OH-p 

4xl0-‘* 

2x10-" 

Sn(OH), 


Sn + + ] . (OH-p 

5x10-” 

2-3x10-® 

Zn(OH)', 

1 

Zn + +] . [OH-p 

IxIO-” 

1-3x10-® 


Sulphides 


Ag,S 


Ag+P-(S--] 

l-6xl0-‘9 

3-5x 10-'* 

BijSj 


Bi +- -t- ]2 . [S - - ]3 

1-6x10-** 

l-7x 10-” 

CdS 


;Cd + -»^}.lS--l 

3-6x10-*® 

6x10-” 

CoSa 

1 

:co^-‘].[s--] 

7xl0-*» 

8-4x10-'* 

CoSp 

{Co-" + ].(S--] 

2x 10-** 

4-5x I0-” 

CuS 

(Cu;^].{s--] 

8-5xl0-« 

9-2x 10-** 

Cu.S 

(Cu-* p.|S--] 

2 6x I0->9 

4-1 X 10-** 

FcS 

(Fc*-].(S--J 

3-7x10-” 

6-1x10-” 

HgS 

(Hg ^ . (S - - I 

4x10-” 

1 6-3x10-** 

MnS 

(Mn^ ^ ] . (S--] 

1-4X 10-” 

3-7x10-® 

PbS : 

(Pb ^ . (S - - ] 

1-1x10-*® 

3-3x10-'* 

SnS 

(Sn;^ ]-(s--] 

1-0x10-** 

10x10-” 

NiS„ 

(Ni-* - ) -IS--) 

3xl0-*‘ 

5-5x10-" 

NiSy 

[Ni + + ].1S--) 

' 2x10-** 

1-4x10-” 

ZnS 

[Zn + + ].(S--1 

; 1-2x10-** 

3-5x10-'* 



Chlorides 



AgCl 


[Ag^l.[Cl-J 

1-6x10-” 

1-2x10-® 

Hg.CI. 


[Hg,+ + ].(CI-P 

1-1x10-” 

6-5x10-’ 

PbCl/ 


[Pb'' • (Cl-p 

2-4x10-* 

3-9x10-* 


Bromides 


AgBr 

IAg+}.[Br-] ; 

7-7x10-” 

8-8X 10-* 

HgjBrj 

[Hg, + + ].[Br-p 1 

5-2x10-** 

2-8x10-* 

PbBr, 

lPb’- + ].(Br-p 

1 

7-4x10-® 

2-6x10-9 
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( Continued} 


Numerical valu^ 


Formuld of 
elccuolytc 


Product of ionie 

concentralioru 


Agl 

Hg,I* 

Pblj 

Cul 


AgjSO, 

BaS04 

CaS04-2H.0 

PbSO* 

SrSO, 

Hg-SO* 


AgjCOj 

BaCOj 

CaCOj 

MgCOa 

SrCOs 

CdCOj 

PbCO, 


BaC,04-2H,0 

CaC.OjH.O 

MgCjO, 

PbCjO^ 

SrCjO.H.O 

ZnCoO, 


AgjCrOj 

BaCrO^ 

PbCrO, 

SrCrO, 


Ag,PO. 

MgNH.PO, 

PbaCPO,)* 


AgBrO;, 

AgCNS 

Ag,(Fe(CN)ol 

Ag,(Fe(CN)J 

AgjAsOj 

Ag.AsO* 

CaF, 

KHC4H4O, 


T 


(Ag; )• ■ 
(Ba + ^1 
ICa - 
[Pb^ " ] 
ISr + ^l 
[Hg.+ ’ 

[As^r 

iBa " 
lCa + 
IMg • 

(Sr 
(Cd^ 
(Pb- 


(Ba' 
(Ca' 
(Mg • 
[Pb ’■ 
(Sr ’ 
[Zn • 


(Ag+)^' 
[Ba • 1 

[Pb*-M 

tSr^+] 
(Ag^ 


Iodides 

(Ag-"]-(I-l 
(Hg . ^ J • (I - )' 

IPb" • (I")- 

[Cu-* ] • 1 

Stdphafes 

[SO, - - ] 

• IS 04 --I 

• (SO, - - 1 
.(SO.--1 

• [SO, ' - 1 
1 • (SO, - - 1 

Carbonates 

(CO,-'l 
1 • (CO 3 - - 1 

lico,--] 

• J . [CO, - ' 1 
) . [CO, - - 1 
■ 11 C 03 --) 

J • (C 03 - - ] 

Oxalates 

1 . (C.O, ' - ) 
MQO.-'I 
^ )• IQO,--) 
l (C.O,-'l 

l-ic.o,--) 

1 • IC*0, - I 

Chromates 

ICrO, - - 1 
.[CrO,-- 
. (CrO,--) 

[CrO. - ] 

Phosphates 

(po, ) 

(Mg’ n-(NH, 'l-lPO^- ) 

[Pb'U^-[PO,-- ]■ 

Salts of Various Acids 

(Ag M • (BrO;, - ] 

ICNS-) 

[Fe(CN)J- - 
(Fc(CN)« 1 - - 

[AsO, 1 

[AsO, ) 

(F-l* 


(Ag 1 

(Ag^ 1 * 
( Ag ; V 
(AgM 

(AgM 

[Ca 


3 , 

3 , 
’ 1 


[K- ) .(HC.H,0,-} 


Solubility 
product (SP) 

Solubility 
(nio)c lure) 

l-5x 10-‘« 

12 X 10 

4-5 X 10--* 

2-2 • 10-“’ 

8 7x !0-* 

13 X 10-’* 

1 -ixlO-'- 

1-05 X 10 -« 

7-7x10-^ 1 

2 6 ■ 10 '• 

MxlO-*" 1 

1 05 X 10 

6IX10-* 1 

7-8 X 10 

2-2 . lO--* ' 

15 10-' 

2'8x I0-’ ! 

5-3 10 

6 3 10 -■ ; 

7 9 • 10 -* 

6-1 X 10 

115 10-* 

8 ' 10-* 

1 

0 

4-8 X 10 

19 ■ 10- ^ 

1 Ox 10-^ 

3 2 10 - 

1 6x lO-* 

4 X lO-* 

2-5x10-“ 1 

15 10 -• 

J-5xl0-“ i 

3 9 10 -■ 

1-6x10 ■ 

4 10 ■ 

26 - 10 -* , 

5 1 10-' 

8 6x10-^ 1 

9-1 - 10 ® 

3 2 • 10 ■“ i 

5 6 10-® 

5-6X 10 ^ 

24 10 ' 

7-5x 10-* 

8 7 • 10 

9x 10-'* 

13 • 10-' 

2-4x10-*” 

15 • 10 

1 8x 10 " ' 

13 • 10 • 

3-5x10-^ 1 

! 5 4,10-' 

18 10-*” 

1 6 - . 10 

2-5 • 10 

6 3x 10-' 

1-5 • 10-“ 

l-7x 10-’ 

5-8 X 10 •' 

1 7 6x 10 

1 - 16 x 10 

M 10 ■* 

l-5x 10 " 

2-2 10'* 

9-8 X 10 

2-4 ■ 10 

4-5x 10 ** 

1-1 io-« 

l Ox 10 

7 8 V iO - ® 

4x 10-'* 

2 1 X 10-* 

3x 10-* 

l^x 10-' 
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IV. INSTABILITY CONSTANTS OF CERTAIN COMPLEXES 


Complex 

fonner 

Equation for dissociation of complex 

Instability 

constant 

= — log /Tiut. 

Ag-^ 

[Ag(NHc)=]+^Ag++ 2 NH 3 

6 - 8 x 10-8 

7-2 


[Ag(S.03)]- i:i Ag^+SA-- 

lxl 0-‘8 

13-0 


[Ag(CN )2 ] - =i Ag + + 2C:N - 


21-0 

A1+ + + 

[AIFJ ;-Al + + + + 6 F- 

2xI0-» 

23-7 

Cd + + 

[Cd(NH 3 )J-^+ Cd + ++4NH3 

ixio-' 

7-0 


ICdCl,)-- =iCd + ++4C!- 

9x10-® ' 

2-05 


[Cd(CN)J--;=iCd + ++4CN- 

l-4xl0-»’ 

16-85 

CO+'*' 

[Co{NH,), 1 + + ==: Co+ +-I- 6 NH, 

1-25x10-® 

4-91 

1 

[Co(CNS), J - - ci Co + +4CNS “ , 

1 1 

1 x 10-8 

3-0 

Co 

1 

[Co(NH 3 )« ] *■ + + ^ Co ^ ^ ^ + 6 NH 3 

6 x 10 - 8 * 

35-22 

Cu + + 

[Cu(NH 3 ), ] ' + }-4NH3 

j 4-6x10-” 

13-34 

Cu-^ 

[Cu(CN), I Cu ^ +4CN - 

1 

5X10-” 

27-30 

Fe+ + 

1 

[Fe{CN)J“- Fe ■ --f 6 CN' ! 

5X10-” 

36-30 

Fe ^ ^ ^ 

[Fc(CN)J Fe^-^--i- 6 CN- 

5xl0-» 

43-30 


[H 8 (CNS)J--- Hg^-^ + 4CNS- 

1 x 10 -” 

22-0 


[HgClJ-- 4C1- 

6X10-” 

16-22 


[HgIJ--==Hg- 41- 

5x10-8* 

30-30 

Ni ^ 

( [Ni(NH 3 ),]++ ?iNi ■ 1 6 NH 3 

6 x 10-8 

8-22 


j [Ni{CN),l-- j:*Ni+ ■-^ 4CN- 

3x 10“” 

13-52 

Sn ’ • • 

[SnCIJ - - Sn + + + -^~6C1- 

1-5x10-1 

0-82 

1 

1 

Zn^-'- 

1 [ZnCNHa),)- - ^Zn^ + H-4NH3 

3-5xl0-‘“ 

1 9-46 


[Zn(CN )4 ] ' - Zn - + + 4CN “ 

2 x 10 -*^ 

16-70 


i [ 2 n(C 30 .) 3 ]-- = Zn^ ++3C,03-- 

1 x 10-8 

9 
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V. SPECIFIC 



GRAVITIES OF SOLUTIONS OF STRONG ACIDS. ALK.\LIES 
AND AMMONIA AT 15" C 


H,SO. 

HNO, j 

HCI ! 

1 

KOH 

1 

NaOH 

NH, 

1 

1013 

1027 

1-040 

1055 

1069 

1-083 

I 098 
1112 
1-127 
1-143 
1158 
1-174 
1-190 
1-205 
1-224 
1-238 
1-255 
1-273 
1-290 

1-011 

1 022 

1 033 
1-044 
1-056 
1-068 
1-080 
1-093 
1-106 
1-119 
1-132 
1-145 
1-158 

1 171 
1-184 
1-198 

1 211 
1-225 
1-238 

1-009 

1-019 

1-029 

1-039 

1-049 

1-059 

1-069 

1-079 

1-089 

1-100 

1-110 

1-121 

1-132 

1 142 
1-152 
1-163 
1-173 
1-183 
1-194 

1 016 

1-033 

1-048 

1-065 

1-082 

MOO 

1-118 

1-137 

1-156 

1-176 

M 96 

1-217 

1-240 

1-263 

1-286 

1-310 

1-334 

1-358 

1-384 

1 -41 1 

1-023 

1-046 

1-069 

1-092 

1-115 

1-137 

1-159 

1-181 

1-213 

1-225 

1-247 

1-268 

1-289 

1-310 

1-332 

1 352 
1-374 
1-395 
1-416 
1-437 

0-992 

0-983 

0-973 

0 967 
0-960 
0-953 
0-946 
0-939 
0-932 
0-926 

0 919 
0-913 
0-908 
0-903 
0-898 
0-893 
0-889 
0-884 

1-307 

1-251 


1-437 

1-458 

— 

1-324 

1-342 

1-361 

1-264 

1-277 

1-290 

1 

1-460 

1-485 

1-51 1 

1-478 

1-499 

1-519 


1-380 

1-399 

1-303 

1-316 


1538 

1-564 

1 1-540 

1-560 


1-419 

1-328 


1-590 

1-580 


1-439 

1-460 

1-340 

1-351 

— 

1-616 

1-601 

1-622 


1-482 

1-503 

1-362 

1-373 

— 

1 

1-643 


1-525 

1-384 

— 




1-547 

1-394 





1-571 

1-403 





1-594 

1-412 

- 



T — T 

1-617 

1-421 

- 





1-640 

1-429 






1-664 

1-437 






1-687 

1-445 






1-710 

1 453 





1-732 

1-460 


■ 



1-755 

1 467 






1-776 

1-474 






1-793 

1-480 




. 

1-808 

1-486 

• 





1-819 

1-491 





1-830 

1-496 





1-837 

1-500 






1-840 

1-504 

- 





1-841 

1 510 





1-838 

1-522 
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VI. STANDARD OXIDATION POTENTIALS 


Reduced form 
(reducing agents) 

Number 

of 

electrons 

(/>) 

Oxidised form 
(oudising agents) 

Potential 

(v) 

Li (solid) 

j 

1 

Li+ 

—2-96 

Na (solid) 

1 

Na+ 

—2-71 

Mg (solid) 

2 

Mg-’--*- 

—1-55 

At (solid) 

3 

A1 + + + 

—1-3 

Zn (solid) +30H- 

2 

HZnOi-+HsO 

—1-2 

Mn (solid) 

2 

Mn + '*‘ 

—MO 

Zn (solid) 

2 

Zn + + 

—0-76 

S-- 

2 

S (solid) 

-0-51 

Fe (solid) 

2 

Fe + -*^ 

—0-44 

Cr+ + 

1 

Cr++ + 

—0-41 

Cd (solid) 

2 

Cd^ + 

—0-40 

Ni (solid) 

2 


—0-23 

CrOa -f20H- 

3 

CrO,-- + H.O 

—0-20 

V + + 

1 

Y + -r- + 

—0-20 

c.o,-- 

2 

2 CO 2 (gaseous) 1 

{-0-2) 

Sn (solid) 

2 

Sn ‘ ’ 

—014 

Pb (solid) 

2 

1 

Pb ‘ ^ 

—013 

Fe (solid) 

3 , 

Fe-^+-^ 

1 

—004 

Ti 1 -i- + 

1 ' 

1 Ti + ^ + + 

—004 

H, (gaseous) 

2 

2H^ 

±000 

Sn (solid) 

4 

Sn + + + + 

1 

+001 

2 S 2 O 3 - - 

2 

1 S 4 O 0 ” 

(+01) 

Sn ^ + 

2 

Sn + ’*"^ + 

+0-15 

Cu ■ 

1 

Cu + '*‘ 

+0-17 

I; (solid)+I20H- ' 

10 

2 IO 3 - + 6 H.O 

+0-21 

SO3-- + H.O 

2 

SO,-- + 2H + 

+0-22 

V^-"++H.O 

I 

VO^++2H+ 

+031 

Cu (solid) ' 

2 

CU+ + 

+0-34 

[Fc(CN)J” 

1 

IFe(CN), 1 

+0-36 

MnO. (solid) 1-40H- 

2 

MnO,--+2HjO 

+0-48 
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Reduced form 
(reducing agcDts) 


Br.(liquid)+120H- 
Cu (solid) 

2 NO 2 (gaseous) 

21 - 

AsOj — --fHjO 
Br-+60H- 
MnO* - - 
2CNS- 

Fc + + 

NOj (gaseous) + HjO 
Ag (solid) 

HNOj+HjO 
NO (gaseous) +2HjO 
NO (gaseous) 4- H.O 
I- + HjO 
2Br- 

I-4-3HjO 

2HiO 

Mn+++2HsO 

2Cl“ 

2Cr+ + ++7HjO 
Br-4-3H,0 
Pb-'+-l-2H,0 
Mn+++4H20 
Ce+ + + 

2H20 
2SO, - - 

Bi+ + ++Na + + 3H*0 
2F- 


iConiinucd } 


Number 

of 

electroos 

(rt) 

Oxidised form 
(oudbiag ageois) 

PoleniidI 

(V) 

10 

2BrO;, - -r 6H.O 

^0-51 

1 

Cu ' 

-052 

1 i 

NO3--NO 

+ 0-52 

1 

2 1 

1. (solid) 

-fO 54 

< 

2 

AsO, ^2H* 

-0 57 

6 

BrO^- r3H.O 

.f0 60 

1 

MnO, - 

+ 0-66 

2 

(CNS). 

-rO-77 

1 

Fo " ' 

-f 0 77 

1 

NO, - r 2H ■ 

-LQ 77 

1 

1 

Ag 

--0-80 

2 

NOj-r3H- 

0-94 

3 

NO, ' i-'lH ' 

4 0 95 

1 ] 

HNO. • 

4-0 98 

2 ; 

HlOhH" 

; 4. 1 00 

1 

2 

i Br. (liquid) 

rl 07 

6 

10, - + ■ 

- 1 08 

4 

1 0.+ 4H^ 

- 1-23 

2 

i MnO. (solid) v4H ^ 

• I 24 

2 

I 

1 Cl. (gaseous) 

i 4-1-36 

6 

Cr-O- - -+I4H 

: -M-36 

1 

6 

BrO, " + 6H 

! -fi^z 

2 

PbO. (solid) r4H 

4 1-46 

5 

MnO, - + 8H ■ 

4-1 51 

1 

Cc + +-^-^ 

4-1-55 

2 

H.O2 h2H^ 

4 1-80 

2 

1 

SjO^ - - 

> t 1-8 

1 

2 

NaBiO, (solid) -|-6H *■ 

>4-1-8 

2 

F* (gaseous) 

4-2-85 
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Vn. BUFFER MIXTURES FOR pH DETERMINATIONS 
Phosphate Mixtores for the pH Range = 2‘2-8'0 


pH 

0-2 M 
Na.HPOi, 
ml 

0«! M 
diric acid» 
ml 

pH 

0-2 M 
NstHF04, 
ml 

0-1 M 
diric add) 
ml 

2-2 

0-40 

19-60 

5-2 

10-72 

9-28 

2-4 

1-24 

18-76 

5-4 

11-15 

8-85 

2-6 

218 

17-82 

5-6 

11-60 

8-40 

2-8 

317 

16-83 

5-8 

12-09 

7-91 

30 

411 

15-89 

6-0 

12-63 

7-37 

3-2 

4-94 

15-06 

6-2 

13-22 

6-78 

3-4 

5-70 

14-30 

6-4 

13-85 

6-15 

3-6 

6-44 

1 

13-56 

6-6 

14-55 

5-45 

3-8 

1 

710 

12-90 

6-8 

15-45 

4-55 

4-0 

7-71 

12-29 

7-0 

16-47 

3-53 

4-2 

8-28 

11-72 

7-2 

17-39 

2-61 

4.4 

8-82 

11-18 

7-4 

18-17 

1-83 

4’ 6 

9-35 

10-65 

7-6 

18-73 

1-27 

4-81 

9-86 

10-14 

7-8 

19-15 

0-85 

50 

10-30 

9-70 

8-0 

19-45 

0-55 


Universal Mixtures for the pH Range 1*81-11‘93 (at 18“ O 
V ml of 0 2 N NaOH solution is added to 100 ml of a mixture of equal volumes of 

0 04 M HjPO,, 0 04 N CHjCOOH, and 0 04 M H 3 BO 3 


V 

pH 

V 

pH 

W 

pH 

9 

pH 

0 

1-81 

27-5 

, 4-35 

52-5 

7-00 

1 

77-5 

9-91 

2-5 

1-89 

300 

1 4-56 

1 

55-0 

7-24 

80-0 

10-38 

5-0 

1 1-98 

32-5 

4-78 

57-5 

7-54 

82-5 

10-88 

7-5 

2-09 

350 

5-02 

60-0 

7-96 

85-0 

11-20 

10-0 

2-21 

37-5 

5-33 

62-5 

8-36 

87-5 

11-40 

12-5 

2-36 

40-0 

5-72 

65-0 : 

8-69 

90-0 

11-58 

150 

2-56 

42-5 

6-09 

67-5 

8-95 

92-5 

11-70 

17-5 

2-87 

45-0 

6-37 

70-0 

9-15 

95-0 

11-82 

200 

3-29 

47-5 

6-59 

72-5 

9-37 

97-5 

11-92 

22-5 

3-78 

500 

6-80 

75-0 

9-62 

100-0 

11-98 

25 0 

4-10 

1 

1 



1 

i 
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IX. LOGARITHMS 


A 


1 





£ 


8 

A 

Proportioaal paru 

w 

z 

0 

2 

3 

4 

5 

6 

7 

9 

1 

2 

3 

4 

5 

6 

7 

B 

9 

10 

0000 

0043 

0086 

0128 

0170 

0212 

0253 

0294 

0334 

0374 

4 

8 

12 

17 

21 

25 

29 

33 

37 

u 

0414 

0453 

0492 

0531 

0569 

0607 

0645 

0682 

0719 

0755 

4 

8 

1 

11 

15 

19 

23 

26 

30 

34 

12 

0792 

0828 

0864 

0899 

0934 

0969 

1004 

1036 

1072 

1106 

3 

1 

7 

10 

14 

1 

17 

21 

24 

28 

31 

13 

1139 

1173 

1206 

1239 

1271 

' 1303 

1 

1335 

1367 

1399 

1430 

3 

6 

10 

13 

16 

19 

23 

26 

29 

14 

1461 

1492 

1523 

1553 

1584 

1 

1614 

1644 

1673 

1703 

1732 

3 

i 

9 

12 

15 

18 

21 

1 

24 

27 

IS 

1761 

1790 

1818 

1847 

1875 

1903 

1931 

1959 

1987 

2014 

1 

3 

H 

8 

11 

14 

17 

20 

22 

25 

16 

2041 

2068 

2095 

2122 

2148 

2175 

2201 

2227 

2253 

2279 

3 

1 

s 

8 

11 

13 

16 

18 

21 

24 

17 

; 2304 

2330 

2355 

2380 

1 

2405 

2430 

2455 

1 

2480 

2504 

2529 

1 

2 

5 

7 

10 

12 

15 

17 

20 

22 

18 

'2553 

2577 

2601 

2625 

2648' 

2672 

2695 

2718 

2742 

2765 ' 

2 

S 

7 

9 

12 

14 

16 

19 

21 

19 
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Absorption of CO 2 from water (or air'i 277 

Acidimetry 178, 211 

Acids, determination 284, 345 

Acid solution 274 

Activity 69 

coefficient 69 
Adsorption 96 

exchange 110 
internal 99 
in titration 375 
primary 97 
secondary 97 
surface 96 

Adsorption equilibrium 96 

Air damping device 30 

Aliquot part 191 

Alizarin yellow 227, 228 

Alkali in solution, determination 

Alkalimetry 178, 211 

Aluminium in alum, determination 154 

Amalgams 338 

Ammonia in ammonium salts, determina- 
tion 284 


Ammonium thiocyanate 381 

Amphoteric ions 222 

Analytical balance 16 

Analytical factor 117 

Anhydronc 161 , 

Anhydrous magnesium perchlorate lot 

Anion exchangers 134 

Antimonv in tartar emetic, determination 


358 

Apparatus for electrolysis 448 
Approximate calculations 55 
Arsenic In sodium arseniie. determina- 
tion 354 

Argcnlometry 366 
Arrest device 18 
Ascaritc 160 
Ashless filters 105 
Atomic weights 466 
Auxochromes 219 


Average sample 39 
Azolitmin 227. 228 


B 

Back-titration 373 
Balance 16, el scq. 

accuracy 22. 24 
analytical 16 
damped 29, 32 
precision 22, 24 
rest point 22 
rules for handling 25 
sensitivity 22. 23 
stability 22. 23 
unequal arm length 33 
zero point 22. 26 
Balancing method 401, 410 
Barium, determination 144 
Bath 

sand 170 
water 124 

••Blank” experiment 53 
Borax, solution 272 
Bromatometry 178. 357 
Bromidc.s determination 383 
argentomctric 380 
thioesanate 382 
Bromopheno! blue 227, 228 
Bromthymol blue 227, 228 
Buffer action 247 
Buffer mixture 247 
Buffer solutions 247 
Burette 44, 179 

calibration 187 


C 

Calcium, determination 

in calcium carbonate 156. 332 
when present together with mag- 
nesium 167 
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Index 


Calculations S3 

concentrations expressed in terms 
of titre 199 
gravimetric results 116 
method of separate samples 198 
pipetting method 197 
preparation and dilution of solutions 
202 

results of analysis 53 
results of volumetric determination 
197 

Carbon dioxide in calcium carbonate, 
determination 159 
Catalysts 314 
Cation exchangers 134 
Caustic soda 276 
Cerimeiry 178 

Chemical methods of analysis 16 
Chlorides, determination 383 
Chlorine, determination 

active, in bleaching powder 352 
in barium chloride 149 
Chromatographic method 15 
of separation 132 

Chromatography 133 
ion-exchange 134 
Chromatometry 1 78 
Chromic mixture 42 

Chromium in potassium dichromate, de- 
termination 330 

Chromogen Black Special ET-00 390 
Chromophorcs 218 
Chromophorc theory 218 
Cleanliness of vessels 42 
Coincidence method 28 
Colorimeters 411 
Colorimetric analysis 14, 16 
Colorimetric determinations 14, 394 
copper 416 
iron 418 

Colorimetric titration 410 
Colorimetry 394, 423 
Comparator 408, 426 
Comparison solution 266 
Complex formation 83, 178, 366 
Complex ions 84 
Complexoncs 367, 389 
Concentration 65, 202 

hydrogen ions, determination 423 
molar 65 
normal 65 
percentage 65. 202 
Conductometric method 15 
Conductometric titration 177 
Conversion factor 117 


Copper, determination 

in copper sulphate solution 353, 
416 

in magnesium alloy 458 

when present together with nickel 

452 

Coprecipitation 94, 404 
adsorption 98 
decrease 103 
isomorphous 100 
with suitable collector 95 
Crucible 

glass filter 107 
gooch 107 

heating to constant weight 113 
platinum 42, 113 
porcelain 113 
Crucible furnace 114 
Crucible tongs 113 
Crystalline hydrates 140 
Crystals 86, 87 

mixed 40, 100 
nuclei 87 
Cupferron 132 
Current density 437, 445 
Current-voltage curve 459 

D 

Decantation 106, 110 
Decanted liquid 106 
Decomposition potential 440 
Decomposition voltage 436, 438 
Dyhydrite 161 
Depolarisers 437 
Desiccator 19 

Diaphragm method 413, 415 
Dichlorofluorcsccin 379 
Dichromate 339 
Diffusion current 460 
Dilution method 408 
Dimethylglyoxime 130 
Diphenylamine 308, 337 
Diphenylbenzidine violet 308 
Diphenylcarbazone 384 
Dissociation constants 468 
Dissolution 120 
Distillation 40 
Distribution coefficient 102 
Distribution constant 405 
Drying oven 112 
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EfTloresce 140 

Electrochemical methods of analysis 431, 
et seq. 

Electrode 

calomel 311 

for internal electrolysis 456 
mercury 444 
mesh 445 
platinum 431 
standard hydrogen 292 
Electrogravimetric analysis 15. 431, 448 
accelerated 447 
Electrolysis 431 

accelerated 445 
current density 437 
internal 456 
—with diaphragm 457 
laws 434 

with mercury cathode 444 
Electrovolumetric analysis 15, 176 
Empirical solutions 196 
Eosin 378 

Equilibrium constants of oxidation-reduc- 
tion reactions 300 
Equivalence point 175 

method of determination 371 

Eriochrome Black T 390 
Errors in quantitative analysis 43 
absolute 46 
acid 251 
alkali 251 
compensation 48 

dependent on the apparatus and 
reagents 44 
drop 195 

effect on results 47 
hydrogen 250 
hydroxyl 250 
indicator 216, 249 
individual 44 
of method 44 
operational 45 
protein 264 
psychological 44 
random 45 
relative 46 
salt 264 
systematic 44 

Extinction 398 

molar coefficient 398 

Extraction 132, 405 
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Faraday's number 435 
Faraday’s laws 434 
Ferrous iron, determination 325 
Filtration 105 

through glass crucibles 107 
"Fixanal” reagents 190 
Fluorescein 379 
Fluxes 122 
Funnel 105 
Fusion 120 


G 

Gas analysis 14 
Gaussian law 48 
Gay-Lussac method 371 
Glassware 41 
Gram-equivalent 191 
Gravimetric analysis 13, 59 


H 

Flalf-wavc potential 460 
Halides, determination 382 
thiocyanate 382 

titration in presence of adsorption 
indicators 383 
Hardness of water 

carbonate 279 
decrease of 279 
degrees of 279 
determination 211, 278 
— complexometric 389 
permanent 279, 280 
temporary' 279 
total 279 
Hydration 92 

Hydrochloric acid, solution 27! 
Hydrogen exponent PH, determination 
76, et seq., 213. ct seq., 423 
Hydrogen peroxide, determination 325 
Hydrolysis 215 

Hydroxyl exponent 213, et seq. 
Hydroxyquinoline 130 


I 

Ignition technique 114 
Indicator exponent 224 
Indicator range 223 
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Index 


Indicators' 176 

adsorption 375 

apparent dissociation constant 224 
colour changes with changes of pH 
225 

external 338 
internal 338 
mixed 266 

neutralisation method 215 
onc-coIour 217 

oxidatiomreduction method 308 

redox 308 

selection of 216 

theory of 217 

— chromophore 218 

—ionic 217 

— ionic-chromophore 221 
two-colour 217 
—for pH determination 425 
universal 427 
Inhibitors 314 
Instability constant 84, 395 
Internal complexes 128 
Iodides, determination 4383 
Iodine, solution 347 
lodometry 178, D4i, et seq. 

conditions for determinations 345 
Ion exchangers 134 
Ionic [^d^t of water 212 
Ionic, Strength of solution 70 
Iron,(jlcicrmination 

in ferric chloride solution 152, 327 
/ in ore 339 

( in solution of an iron salt 418 
Isoelectric point 376 
' Isomerism 219 ^ 

Isomorphism 100 ‘ '> 


Laboratory log-book 38 ^ ^ 

Laboratory vessels 41 

fused quartz 41 \ 

glass 41 
platinum 41 
porcelain 41 
silver 41 

Laws 

absorption of light by solution 398 

distribution 102 

electrolysis 434 

Faraday’s 434 

Gaussian 48 

Lambert-Bcer’s 399, 401 

Ohm’s 445 


Light filters 407 
Limiting current 460 
Litmus 222, 229 
Litre 179 


M 

Macroanalysis 16 
Macromethod 16 
Magnesia mixture 166 
Magnesium, determination 359 

in magnesium sulphate 162 
when present together with calcium 
167 

Mangaj}fte in steel (or cast iron) 334 
Masking 63, 83 
^M^uring cylinders 185 
Measuring flasks 179, 184 
calibration 186 

Measuring vessels, calibration 185 
Mercuric nitrate 386 
Mercurimetry 367, 386 
Mercurometry 366, 384 
Mercurous nitrate 384 
Method of analysis 12 

colour comparison 406 
complex formation 178, 366 
distillation 286 
equal turbidity 371 
labelled atoms 15 
precipitation 178, 366 
separate samples 191 
standard series 407 
Methyl orange 222, 229 
Methyl red 229 
Micromclhod 16 
Milligram-equivalent 195 
Millilitre 179 
Millimicron 87 
Mistakes 45 
Mohr method 372, 379 
Molarity 202 
Mole 65 

Mufile furnace 114 


N 


Nephelometric analysis 14, 16 
method 396 
Nemst equation 295 
Neutralisation 178, 211, 229 
Nickel, determination 168, 452 
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Nitrites 326 

a-nitroso-/?-naphthol 127 
Normality 191, et seq. 


O 

Optical density 398 
Overvoltage 439 
Oxalic acid 283, 324 
Oxidation potentials 290 
Oxidation-reduction methods (oxidimetry) 
178, 290 
Oxine 130 


P 

Paper pulp 105 
Paranitrophcnol 219 
Peptisation 110 
Permanganate 322, 339 
Permanganatometry 178, 321 ci seq. 

Phase analysis 1 1 
Phcnolphthalcin 221, 229 
Phosphate in sodium phosphate, deter- 
mination 166 
Phosphoric anhydride 161 
Photocolorimctcrs 4 1 4 
Photocolorimetry 397, 413, ct set]. 
Photometric methods 396 
Physical methods of analysis 16 
Physico-chemical methods of analysis lo 

Pipettes 183 

calibration 187 
dropping 184 
Pipetting method 191. 197 
Platinum vessels 42 
Polarisation 

concentration 438 
electrochemical 437 
electromotive force of 437 
Polarogram 459 
Polarograph 459 
Polarographic method 15 
Polarographic wave 460 
Porcelain vessels 41 
Postprecipitation 102. 103 
Potassium bromatc, solution 
Potassium dichromate. solution 339 
Potassium ferrocyamde. solution 387, J«8 
Poteniiomeiric method 15 
Potentiometric titration 311, 42J 
Precipitated form 60 
Precipitates 60 

amorphous 86 


Precipitates — coni. 

cryptocrysialline 88 
crystalline 86 
drying of 112 
ignition of 112 
Precipitation 59 

conditions 87 

contact 457 

effect on completeness 

— of complex formation 83 

— of excess precipitant 66 

—of pH 76 

— of temperature 74 

methods 

of sparingly soluble metal hydro- 
xides 76 

of sparingly soluble salts 77, 82 
practically complete 65 
with collector 404 
Precision 

of analytical results 45 
of balance 24 
of calculations 53 
Primary particles 87 
Primary standards 188. 211 
Primary substances 189 
Protective colloids 378 

o 

Qualitative analysis II 
Quantitative analysis II 
Quartering 40 
Quartz glass 41 

R 

Reactions 

autocatalytic 316 
coupled 318 
induced 317 
oxidation-reduction 300 
side, in titration 316 
Recrystallisation 39 
Reducing agents 342 
Redactor 338 

Replicate determinations 46 
Reprccipitation 104. 124 
Rider 21 
Ripening 90, 91 

S 

Sagaidachny’s method 422 
Salicylic acid 422 
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Index 


Salt effect 69 
Salting-out 92 
Sample 16 

taking 119, et seq. 

Sampling 40 
Sand bath 170 

Semimicromethod of quantitative anal- 
ysis 16 

Separation of ions 123 

at mercury cathode 454 
Significant figures 53 
Sintering 121 
Soda asbestos 160 
Sodium nitroprusside 386 
Sodium sulphite, determination 356 
Sodium thiosulphate, solution 346 
Solubility 

AgCl in NaCl solutions 68 
BaSOf in HNOj solutions 83 
electrolytes 470 
precipitates 67, et seq. 

Solubility products of some electrolytes 470 
Solvation 92 
Standardisation 283 
Standard samples 190 
Standard solutions 189, 281, 346, 384 
ammonium thiocyanate 381 
borax 272 
caustic soda 281 
hydrochloric acid 271 
iodine 347 
mercuric nitrate 386 
mercurous nitrate 384 
permanganate 322 
potassium bromale 358 
potassium dichromate 339 
potassium ferrocyanate 387 
silver nitrate 379 
sodium thiosulphate 346 
working 189 
Starch, solution 349 
Steaming of measuring vessels 43 
Strength exponent of weak electrolytes 468 
Sublimation 40 
1, 2, 5-sulphosalicylic acid 422 
Sulphur in sulphuric acid, determination 
148 * 


T 

Tauiomcrism 219 
Thiocyanates, determination 382 
Titanium, determination 
in steel 454 

in titanium sulphate 417 


Titanometry 178 
Titration 13, 175, 371 

by the Mohr method 372, 379 
by the Volhard method 372 
colorimetric 410 
conductometric 177 
equivalence point 175, 371 
exponent 228 
pontentiometric 311, 423 
residual 263 
selective 339 
sequence 265 
of dibasic acids 254 
— polibasic acids 254 
— salts 259 

— strong acids with strong alkalies 
to clear point 377 
— weak acids with strong alkalies 234 
—weak acids with weak bases 244 
—weak bases with strong acids 242 
with comparison solution 266 
without indicator 308 
Titration curves 229 

abrupt change on 232 
in precipitation method 367 
oxidation-reduction 303 
Titre 174 

for the substance determined 200 
Trilon B 389 
Turbidimetric method 396 
Thymol blue 425 


U 

Universal indicator paper 427 


V 

Vanadatomelry 178 
Vessels 41 

see Laboratory vessels 
Visual colorimetry 397 
Volatilisation 59 
Volhard method 372 
Volume measurement 179 
Volumetric analysis 13, 174, et seq. 
classification of methods 178 


W 

Wash bottle 111 
Washing of precipitates 108 

test for completeness 112 
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Wash liquids 108 
Watch glass 19 
Water 

constitution 140 
crystallisation 140 
free from CO. 277 
hardness, see Hardness of water 
hygroscopic, determination 143 
ionic product 212 
stoichiometric 140 
Water bath 124 
Weighed form 60, 144, 169 
Weighing, methods 26, 27 
coincidence 28 


Weighing, methods — cont. 

D. 1. Mendeleyev's 34 
double 33 
substitution 34 
swings 27, 29 
Weighing bottle 19 
Weighing burettes 182 
Weights 20 

calibration 35 

Z 

Zero point of balance 22, 26 
Zinc determination 387 
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